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PREFACE TO THE SECOND EDITION : j 

In preparing the first edition of Qualitative Analysis and 
Chemical Equilibrium we had two principal objectives in 
view, (1) a better correlation between the principles of 
equilibrium and the study of qualitative analysis, and f 

(2) the early introduction of better training in laboratory 1 

techniques by the adoption of semi-micro procedures. The Si 

second of these objectives was somewhat of an experiment. * 1 

The success of this venture was beyond our expectations I 

and can best be judged by the widespread adoption of these 
procedures and by the large number of “semi-micro” quali- 
tative analysis texts which have subsequently appeared. 

. The original text was designed for a relatively short course 
m qualitative analysis, but because of the demand for a 
more general application of these techniques and because 
our experience has convinced us of the efficacy of this train- 
ing, we have decided to extend the scope of this work. At 
the time we began this experiment no satisfactory low-priced 
centrifuges were available ; consequently, the analytical pro- 
cedure for the first edition was designed for filtration rather 
than for centrifugation processes. In the meantime, the 
appearance of satisfactory instruments has made the ad- 
vantages of centrifugation possible. However, some teachers 
of qualitative analysis may still prefer to retain filtration 
processes which unquestionably have some pedagogical and 
practical advantages. In this edition we have therefore 
designed the laboratory procedures for both types of tech- 
niques. Wherever necessary, we have split the page into two 
vertically divided parts; the left part referring to centrif- 
ugation, the right to filtration. Furthermore, schematic 
outlines of all analytical groups are now provided. 

Contrary to what might be anticipated, a successful semi- 
micro procedure is not achieved by merely proportionately 
reducing the amounts of material and reagents required in 
a “macro” scheme.. This situation can best be realized 
when one bears in mind the analogous counter development 
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of an industrial process, from the laboratory to the pilot 
plant, to the semi-production and finally to the production 
scale. In each stage of the development one may encounter 
new interfering factors which must be controlled and thor- 
oughly investigated. The difficulties met in changing from 
the macro to the semi-micro procedure can often be easily 
overcome by the use of organic or special complex reagents, 
but we have found that this change can also be effectively 
and successfully made while still retaining for the most part 
the simpler reactions of inorganic chemistry. We have con- 
sidered it highly advisable to maintain our original stand 
that the use of organic and complex reagents leads to “ cook- 
bookery,” since at this early stage of his training, the student 
is not in a position to understand the reactions involved. 
On this basis we have subjected the entire analytical scheme 
to a thorough restudy, the results of which are embodied in 
this text. 


In making the change in the analytical procedure we have 
kept uppermost in mind the fact that certain ions easily 
escape detection by the student, regardless of whether ma cro 
or semi-micro techniques are employed. Evidence as to 
which are the “difficult” ions is given by the statistical 
analysis of student unknown reports which have appeared 
in print on several occasions during the past few years. In 
general, the most flagrant “offenders” of the cations are 
cadmium, arsenic, tin, zinc, manganese, and strontium. The 
improvement of the conditions for the separation and de- 
^ tection of these ions often necessitates a change in the con- 

ditions foi the detection of other ions. Therefore, we have 
made maiked alterations in the whole of our previous 
procedure. Some of the changes involved in these altera- 
tions are well known to analytical chemists; on the other 
hand, to the best of our knowledge, others are new to the 
field of qualitative analysis. 

The following are the more important changes which have 
been made in the procedure. (1) The separation of cad- 
mxun ion from cupric ion is accomplished by the formation 
of the stable cadmium chloride complex ion which, unless 
m dilute solution, does not produce sufficient cadmium ion 
to precipitate cadmium sulfide. (2) Iodide ion is used as a 
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catalyst in the precipitation of arsenous sulfide. (3) The 
use o y rogen peroxide to oxidize stannous ion to st anni c 
ion makes possible the separation of the arsenic group of 

C ?P Per ^ r ° U p sim P 1 y by means of ammonium 
sulfide, rather than by the usual method which employs 
ammonium polysulfide. This procedure possesses two im- 
portant advantages; copper is not carried over to the arsenic 
group and, m addition, the usual subsequent formation of 
free sulfur is eliminated. (4) Making use of the fact that 
the bisulfate ion is a weak acid, a buffered solution is used to 
separate the sulfides of manganese and iron and the hy- 
droxides of aluminum and chromium from the sulfides of 
mckel, cobalt and zinc. By this process the detection of 
zmc is markedly improved. (5) The separation of strontium 
from calcium has always been a difficult operation. We 
have effected this separation by controlling the sulfate ion 
concentration, again making use of the fact that bisulfate 
ion is a weak acid. In this case the sulfate ion rather than 
the hydrogen ion is buffered. 

Besides improving the analytical procedure for the cations 
we have extended and also improved the analysis of the 
anions. By the use of a series of elimination tests the de- 
tection of anions has been simplified. Here the extension 
of the analytical procedure is accompanied by a correlated 
extension of a treatment of the chemical properties of the 
ions. Detailed methods are also given for the treatment 
and analysis of solids, including metals and alloys. The 
analytical procedure should now be complete enough to 
meet the demands of all teachers of qualitative analysis. 

The success of the semi-micro procedure is dependent upon 
the care and thoroughness of the student’s work to a larger 
extent than it is in the macro scheme. The same absolute 
errors in both methods become proportionately larger in 
the semi-micro procedures. The factors primarily responsi- 
ble for success are (1) careful control of the concentrations 
f rea & en ts, (2) thorough washing of precipitates, and 
(3) the assurance of complete precipitations. This means 
that the student must adhere closely to the analytical direc- 
tions. We have found that failure can most often be traced 
to carelessness on the part of the student in following the 
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directions. Semi-micro procedures are more exacting and 
demand greater attention to details but this necessary exer- 
cise of care and thoroughness is in fact the principal ad- 
vantage to be gained by the teaching of these techniques. 

For the most part, the comments which have been re- 
ceived relative to the theoretical part of the first edition, 
have been so favorable that we do not feel called upon to 
make any radical changes in this portion of the text. The 
principal contention we have met is that of the Brpnsted 
treatment of acids and bases. Realizing that there are 
certain virtues in the use of the Brpnsted definitions, we 
have restated fully the essential ideas in terms of the newer 
definitions at several vital points in our theoretical develop- 
ment so that it is possible for the teacher to interpret the 
chemical picture in both ways. These sections dealing with 
the Brpnsted definitions are so arranged that they may be 
omitted without loss of continuity. Such a treatment shows 
the student the development of and the interrelationship 
between these two points of view. If it is assumed that the 
Brpnsted viewpoint will become increasingly popular, then 
it will be necessary for the student of chemistry to be able 
to convert and reinterpret one in terms of the other. How- 
ever, we still believe that to use the Brpnsted conceptions 
consistently, without reference to the older definitions, is not 
advisable at this stage of the student’s training. 

The development of the introductory chapter of any 
> text always presents a difficult problem, particularly in 

qualitative analysis. Its function is to provide a transition 
between what has already been learned and the newer con- 
cepts to come. Some teachers desire more material, others 
less. We have tried to present only enough material to 
enable the student to grasp later by means of a mental 
picture an understanding of the chemical processes with 
which he will be concerned. When, for example, the student 
thinks of the hydrogen ion concentration, it should be more 
than a symbol or a number; with his imaginative eye he 
should see these ions in their environment and their inter- 
actions with other ions which may be present. With this 
objective in view we have altered and extended the first 
chapter of the text to emphasize its purpose 
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Wherever it appeared that the exposition could be im- H 

proved, we have made the appropriate changes. Examples 
of some types of calculations which were omitted in the first 
edition have been added at the end of several chapters. It 
occasionally happens that the better and more ambitious I 

student is interested in problems of complex equilibria which : 

are so involved that they have not been included in the main I - j 

body of the text. To encourage this interest we have also ijj 

included m the “examples to problems” a few of the more § 

stimulating illustrations of ionic equilibria. Additions and I] 

changes have also been made in the problems at the end of If 

most of the chapters of the theoretical portion of the text. ** 

In the numerical calculations we admittedly “violate ” the 
Law of Mass Action in that we apply it to concentrations 
lather than to activities in the more concentrated solutions 
and give answers to problems in figures which are often not 
significant. We justify this procedure on the grounds that 
such answers give the student a means of checking his 
thought processes involved in formulating the problems. 

In making this revision we are particularly indebted to 
Dr. F. A. Long of Cornell University, to Professor A R 
Armstrong of the College of William and Mary, to Pro- 
fessor A. B. Burg of the University of Southern California, 
and to^ Dr. Kenneth Adams of the University of Chicago 
for their constructive criticisms and suggestions. For their 
helpful comments and interest we also wish to express our 
gratitude to Mr. George Fawcett of Wright Junior College, 

Dr. James B. Parsons of Wilson Junior College, Mr. L. A. 

Johnson of Morgan Park Junior College, Professor H. I. 

Schlesinger and Dr. H. L. Brown of the University of 
Chicago, Professor E. L. Haenisch of Villanova University, 

Professor R. Legault of Bucknell University, Mr. S. C. 

Sherwood of the College of William and Mary, Dr. G. W. 

Ewing of Blackburn College, Dr. Lyle Hill of Central 
Y. M. C. A. College (Chicago), Professor M. G. Burford 
of Wesleyan University, and Professor H. N. Alyea of 
Princeton University. 


The Untveesity of Chicago 
May, 1940 


T. R. H. 
W. C. J. 
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PREFACE TO THE FIRST EDITION 

The ever-increasing growth of knowledge in science and 
the attempt on the part of teachers to keep pace with this 
growth has brought us face to face with the dilemma that 
less time is allowed the student to acquire more knowledge 
and information. It has become necessary to evaluate the 
entire chemistry curriculum more critically with a view 
toward a redistribution of the fundamental units of the sub- 
ject and toward an alteration in the emphasis. As a result, 
qualitative analysis is one of the subjects that is receiving 
increased attention. 

The primary aim of a course in qualitative analysis some 
few years ago was chiefly to give instruction in analytical 
procedure and technique. More recently, however, there 
has developed a marked tendency to place more and more 
emphasis on the application of the fundamental concepts 
of solutions to the laboratory work. Apparently this move- 
ment is still growing, and attempts are being made to adjust 
the subject matter of the course accordingly. 

In the elementary chemistry course the student gains 
some idea of the properties of ions and some acquaintance 
with the concept of equilibrium. Yet it has been our ex- 
perience that this training alone is not sufficient to serve as a 
basis for later work in chemistry and its related fields. In 
its newer development qualitative analysis offers an ex- 
cellent opportunity for the student (1) to get a better 
knowledge of the properties of ions and their compounds, 
(2) to acquire a thorough understanding of the principle of 
chemical equilibrium and (3) to acquire training in experi- 
mental technique, especially that involving the use of small 
amounts of material. 

Although the text is formally divided into two parts, 
(I) considerations of general principles and (II) chemistry 
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of the ions, experiments and analytical procedures, this 
separation is somewhat artificial. Theory and practice are 

coordinated at every opportunity. _ . 

Of all the general principles of science, chemical equi- 
librium is unquestionably one of the most important. Prob- 
lems in chemistry, physics, astronomy, animal and plant 
biology, medicine, and engineering very often involve con- 
siderations of chemical equilibrium. The general applica- 
bility of the subject requires a more thorough knowledge than 
is usually obtained from the course in elementary chemistry. 
The concept should be so deeply ingrained in the student’s 
mind that it becomes the first consideration in attacking any 
chemical problem. 

With a subject so widespreading in its ramifications as 
this, it is obvious that an extensive treatment cannot be given 
to its applicability, which would cover most of the present 
subject matter of chemistry. Rather, a thorough under- 
standing of the principle itself becomes one of the main 
objectives of this course. Although it is here applied to 
qualitative analysis, its later application to any other field 
can be made relatively easily. ' 

It is assumed that the student is familiar with the atomic 
theory, the kinetic molecular hypothesis and its application 
to the behavior of gases, the meaning of atomic and molecu- 
lar weights, the balancing of simple chemical equations, the 
most general properties of solutions, and, in an elementary 
way, the periodic system. The subject of solutions and 
solubility is introduced by way of a consideration of the 
forces between ions and solvent molecules. Only enough 
electronic structure theory is given to enable the student to 
understand in a general way the nature of ions and molecules 
and the forces that operate between them. The strong 
electrolytes are treated from the generally accepted stand- 
point of complete ionization. This concept leads to the use 
of ionic equations throughout the text. The confusing no- 
tation often applied to a description of the phenomena and 
the methods of measuring conductances has been avoided. 
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We believe that the simpler treatment of this subject found 
in this text is entirely adequate. 

Throughout years of experience we have often observed 
that the student has considerable difficulty in obtaining a 
clear understanding of the derivation of the Law of Mass 
Action as it is usually presented. We hope that this diffi- 
culty has been overcome by the simple graphical treatment 
given in Chapter II. Likewise, we have found that the use 
of electrode potentials in the treatment of oxidation and 
reduction, and the consequent use of the Nernst equation 
relating potential to concentration is most confusing to the 
student of qualitative analysis. It is impossible to under- 
stand fully the relationship between potential and concen- 
tration without recourse to thermodynamics. The treat- 
ment of oxidation-reduction equilibria as given in Chapter IX 
follows, to the best of our knowledge, an entirely new method 
of approach. These equilibria are considered in a manner 
quite analogous to those already familiar to the student at 
this point in the course. Instead of the usual single-elec- 
trode potentials, we have introduced equilibrium constants 
for half-reactions the combinations of which permit simple 
calculations to be made for the determination of the course 
of any of the common oxidation-reduction reactions. 

No attempt has been made to introduce the concept of 
activity or activity coefficients. This subject is not essential 
to a fundamental understanding of chemical equilibrium, 
nor is the student prepared to interpret its significance. In 
numerical calculations in this course its contribution is of 
no importance. Nor do we believe that the modern theories 
of acids and bases offer sufficient advantages to be included 
here. 

Descriptive material is interwoven with the presentation 
of the theoretical aspects of the subject, both of which are 
applied in numerous instances to qualitative analysis and 
general problems of chemistry. Each chapter concludes 
with a set of questions and problems. The questions serve 
as a guide for study and review of the subject matter. The 
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problems deal essentially with equilibria of solutions. It is 
our conviction that the student cannot acquire an adequate 
understanding of chemical equilibrium and its application 
without dealing with numerical calculations involving this 
principle. It is not necessary that these calculations be 
mathematically difficult. Accordingly, special effort has 
been made to select relatively simple problems which are 
arranged in the order of increasing difficulty. . Examples of 
all types of problems and their complete solutions are given 
at the end of each chapter. Answers to all problems and an 
ample section on mathematical operations are included in 
the Appendix as a guide for the student. New problems 
may easily be constructed from those given in the text. 

Part II is to be studied simultaneously with Part I of the 
text. This second part includes descriptive material which 
covers the chemistry of the ions and their compounds, ex- 
periments to illustrate the principles of equilibrium and 
qualitative analysis, and the analytical procedure. Experi- 
ments, preliminary to the analytical procedure for each 
group, that are designed to acquaint the student with the 
colors of precipitates, and that give only descriptive informa- 
tion concerning reactions, have been reduced in number. 
Instead, other experiments are introduced to show the roles 
that equilibrium and reaction velocity play in the separation 
and identification of the ions. Many of these experiments 
demand the exercise of some originality and constructive 
effort on the part of the student. The descriptive material 
pertaining to the group of ions studied is given in concise 
form, and precedes both the experiments and the analytical 
procedures. The laboratory study is interspersed with ques- 
tions designed to correlate the principles with the work at 
hand. The student is expected to answer these questions 
as they are presented. 

One of the aims of a course in qualitative analysis is to 
guide the student in developing technique in the usual 
operations of chemistry, but with the amounts of material 
ordinarily employed in the laboratory work this aim is sel- 
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dom accomplished to the desired extent. We do not be- 
lieve that in the past full advantage has been taken of the 
opportunities offered by laboratory work in the more ele- 
mentary courses to develop the technical ability of the 
student. The future scientist, the student of today, as he in- 
quires more deeply into the problems of chemistry, physics 
and biology, will be confronted with the necessity of work- 
ing with smaller objects and smaller amounts of material, 
and consequently he must acquire a “micro” technique to 
cope with this situation. 

In this course a step has been taken in the “micro” direc- 
tion by reducing the amounts of materials employed to a 
minimum consistent with easily available and standard ap- 
paratus. The volume of the “unknown” solution has been 
reduced to three milliliters, with the concentration of each 
ion not greater than .02 molar (5 to 15 milligrams of a salt). 
One-milliliter medicine droppers are used to handle reagents 
and to wash precipitates ; the funnels, test-tubes and flasks 
are of correspondingly small size. To go farther in this 
direction would require special apparatus and reagents, and 
would involve reactions that the student is not prepared to 
understand. Furthermore, the training in working with 
small amounts of material should not be so specialized that 
it is not generally applicable. 

There are many advantages to be gained by basing the 
laboratory work on minimum amounts of material. The 
student learns that care and neatness are essential, and of 
necessity develops these qualities. In the usual analytical 
procedures the student spends an inordinate amount of time 
filtering solutions and washing precipitates. In the pro- 
cedure outlined in this text the time required for these 
operations is reduced manyfold. The contamination of the 
laboratory air with hydrogen sulfide is no longer a serious 
problem. Very much smaller amounts of this gas and much 
less time are required to saturate the solutions. Another 
significant advantage is the reduced cost of equipment, 
supplies and laboratory maintenance. 
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The analytical procedure, with few variations, is essen- 
tially that developed by Fresenius. Radical departure from 
this procedure is unnecessary and offers no special advan- 
tages. However, we have made a slight change in the usual 
order of the analytical groups in that the alkali metal group 
is considered first instead of last. The order of presentation 
of all analytical groups is the same as that followed in the 
systematic general procedure. The ammonium ion is identi- 
fied by the usual method, while sodium and potassium ions 
are detected by flame tests only. Therefore no separation of 
this group is necessary. This scheme has been adopted to 
allow opportunity for better correlation between theory and 
practice. 

Even with the greatest care in the production of a text- 
book, small errors seem to be inevitable. We shall be very 
grateful to readers who offer corrections, suggestions and 
criticism. 

We take pleasure in acknowledging our indebtedness to 
the works of Prescott and Johnson, Latimer and Hildebrand, 
Stieglitz, and A. A. Noyes. We are particularly grateful to 
Professor H. I. Schlesinger and Mr. Harry H. Wood for their 
criticisms and helpful suggestions. We are also indebted to 
many students of the laboratory for their assistance in the 
selection of data, checking numerical calculations and lab- 
oratory procedures, and in the reading of proof. 

i T. R. H. 

W. C. J. 

The University of Chicago 
j April, 1937 
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CHAPTER I 


THE PHYSICO-CHEMICAL PICTURE OF SOLIDS, LIQUIDS, 
AND SOLUTIONS 

To describe conveniently the course of a chemical reac- 
tion, the chemist resorts to a “short-hand” system of nota- 
tion to represent the elements, their compounds, and the 
proportions in which they interact. All of this information 
is embodied in what is called the chemical equation. For 
example, consider the reaction which takes place in the 
neutralization of acetic acid (HAc)* by ammonium hy- 
droxide (NH 4 OH) in water solution to form ammonium 
acetate and water. 

HAc + NH 4 OH = NH 4 + + Ac" + H 2 0 (1) 

This equation tells us that for every molecule of acetic 
acid which reacts with one molecule of ammonium hy- 
droxide, one ammonium ion, one acetate ion, and one mole- 
cule of water are produced. But to the chemist this equation 
implies much more than the mere stoichiometric (chemically 
balanced) relationships. It suggests a host of correlated 
principles and facts, which enables him to form a mental 
picture of the sub-microscopic process involved in the reac- 
tion. This picture in all its details includes such phenomena 
as hydrolysis, the ionization of weak acids and weak bases,, 
the complete ionization of salts, the equilibrium between 
hydrogen ion, hydroxide ion, and water, and the hydration 
of ions and molecules. An extension of this picture into its 
still finer details takes into account the polarity and the elec- 
tronic structure of the molecules and ions themselves. 

It is essential that the student of qualitative analysis 

* We shall use acetic acid and acetates so frequently throughout this 
text that it will be convenient to abbreviate the formula for the acid to 
HAc, the Ac referring to the acetate radical, CH3COO. 
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2 SOLIDS, LIQUIDS AND SOLUTIONS 

acquire the ability to see the picture of each chemical reac- 
tion in all its implications. To accomplish this end, it is 
necessary that he become acquainted with certain basic 
principles and facts of chemistry, which are presented in 
this introductory chapter. 

The Nature of Solids. The common concept of a solid 
is that it is any substance which tends to retain its form 
over an extended period of time. Stiff or viscous mo- 
lasses would be regarded as a liquid substance if it flowed 

to any appreciable extent. 
If molasses were cold 
enough so that it did not 
flow noticeably over a long 
t im e interval, we should call 
it a solid. Certain sub- 
stances, then, exhibit dif- 
ferent “degrees of solidity” 
and under some conditions 
these substances may be in 
Figure 1. Schematic Representa- a state intermediate be- 
tion of a Crystal of Sodium Chloride tween ^ and solkL 

From our concept of matter based on the kinetic theory, 
we can conclude that the molecules or atoms of a solid are 
quite fixed in their positions and are unable to move about 
easily as they apparently do in a liquid. 

A more important distinction than that which exists be- 
tween liquids and solids is that between crystalline and 
non-crystalline solids. Solids may be classified into two 
general divisions, glasses and crystals. In crystals the mole- 
cules, atoms or particles occupy definite positions with 
respect to each other, while in glasses the positions of the 
molecules or atoms are fixed in no very definite structural 
form. From X-ray diffraction photographs it has been 
shown that in a crystal of sodium chloride, a typical crystal- 
line solid, the ultimate sodium and chlorine particles are so 
arranged that each sodium particle is surrounded by six of 
chlorine and each chlorine by six of sodium. The arrange- 
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ment of the particles in 
such a crystal is shown in 
Figure 1. Again, from the 
analysis of X-ray photo- 
graphs we know that the 
molecules in a glass have 
no very definite and or- 
derly arrangement. The 
generally accepted concept 
of the arrangement of par- 
ticles in quartz glass is 
shown in Figure 2, which 
is a representation in only 
two dimensions. 

In each case, glass or 
crystal, the particles are 
regarded as being fixed in 
position ; the difference be- 
tween the glass and the 
crystal lies in the differ- 
ence in the orderliness of the particle arrangement. 

When heat is applied to a crystal, a definite temperature 
is reached at which the crystal melts. This temperature is 
known as the melting point. Above this temperature the 
substance in question is a liquid; below this temperature, 
it is crystalline. A glass, on the other hand, when heated 
has no definite melting point but gradually becomes softer 
and less viscous until finally it becomes a liquid. Because 
of this gradual change from a solid to a liquid state and 
vice versa, a glass is often regarded as a super-cooled 
liquid. 

Very few substances form glasses. Practically all those 
substances with which we are to deal are of a crys- 
talline nature. With very few possible exceptions all 
substances that are precipitated from solution are crys- 
talline even though they may not appear so to the naked 
eye. 



Figure 2. Schematic Representation 
of Quartz Glass. The shaded 
circles represent silicon and the 
unshaded, oxygen particles. (Ac- 
cording to Zachariasen) 


4 SOLIDS, LIQUIDS AND SOLUTIONS 

The Liquid State. We know much less about the condi- 
tion of molecules in the liquid state than we do for that in 
either the gaseous or solid states. The molecules of a liquid 
adhere to each other and the fluidity of liquids indicates 
that the molecules have the ability to move about or slip 
over each other. X-ray evidence again supports the view 
that very probably the molecules in a liquid tend to line 
up with each other to some extent and that this aligning 
tendency is greater the lower the temperature. In most 
liquids, however, some of the molecules are probably already 
arranged in the form of the solid crystal. These nuclei act 
as the growth centers for crystal formation when the tem- 
perature is sufficiently low. 

When ordinary glycerine is cooled, it solidifies to form 
crystalline glycerine at 17° C. On the other hand, if it is 
kept at a temperature far above its melting point for a 
protracted time and then is cooled below the melting point, 
the glycerine gradually becomes more and more viscous 
until a glass is formed. If the glass is now melted and 
subsequently cooled, a glass is formed again, unless the 
liquid is seeded by the addition of glycerine crystals or of 
glycerine which itself will crystallize on cooling. Evidently, 
ordinary glycerine contains some nuclei or incipient crystals 
which act as the starting point for crystallization but which 
are destroyed at high temperatures. Liquids differ markedly 
in their ability to form glasses or supercooled liquids (i.e., 
cooled below the freezing point.) 

Molecules in both the liquid and solid states are regarded 
as having vibrational motion, which motion increases with 
increasing temperature. When the vibrational motion within 
a crystal becomes sufficiently great, the molecules or parti- 
cles no longer can remain in a fixed position and the crystal 
melts. In a glass we believe that this vibrational motion, 
when increased by heating, gradually gives the molecules 
the ability to move about; hence the glass gradually softens. 

Polarity of Molecules. Suppose that two large sheets of 
metal are connected electrically with a battery B, a switch 
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and a current-measuring instrument as shown in Figure 3. 
When the switch S is closed, the plate connected to the 
negative pole of the battery becomes negatively charged 
and the plate connected to the positive pole of the battery 
positively charged. Just at the moment the switch is closed 
the small current charging the plates will flow through and 
be measured by the current-measuring instrument. The 
positive charges on the one plate attract the negative charges 
of the other and vice versa, and this attraction builds up 



A B 

Figure 3. Action of Electric Field on Polar Molecule 


the charge-holding ability or capacity of the two plates. 
If the size of the plates is increased, it is obvious that the 
two plates will hold a greater electric charge, that is, the 
capacity will be increased. 

The nearer two oppositely charged objects are to each 
other the greater is the attractive force between them. If 
the two plates are moved closer together the attractive force 
which holds the charge on the surface of each plate becomes 
greater and the two plates therefore have a greater capacity. 
One might argue that as the charge increases on each of the 
plates the attractive force will also increase, resulting in an 
accumulatively greater capacity. There is an opposing 
force, however, which stops this accumulative effect. Like 
charges on the same plate repel each other and this repulsive 
force, which is greater as the charge on each plate is in- 
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creased, prevents any indefinite accumulation of charge on 
any one plate. Such an arrangement of plates is known as 
a condenser. 

Suppose that a bar M which can pivot about its center 
and which has one end positively charged and one end 
negatively charged is placed between the two plates. When 
the plates are now charged the bar will be found to tilt 
in such a position that the positive end will move toward 
the negative plate (Figure 3B). Such a bar will increase 
the electrical capacity of the two plates, for this action of the 
bar will have the effect of putting the two plates closer to- 
gether. The positive end of the bar will produce an attrac- 
tive effect on the negative plate; and the negative end, 
an attractive effect on the positive plate. 

Many molecules are like the bar shown in Figure 3. They 
have positive and negative ends and when placed between 
two such charged plates tend to line up as does the bar. 
This alignment increases the electrical capacity of the plates 
as measured by the current-measuring instrument. 

The ratio of the electrical capacity of the condenser when 
some substance is placed between its plates to the electrical 
capacity when there is a vacuum between these same plates 
is known as the dielectric constant of the substance. 

capacitv with substance v , , . , , 

— —r — : = dielectric constant 

capacity m vacuum 

The greater the separation of the positive and negative 
charges in a molecule, the greater will be the turning effect 
on the molecule in the condenser, and therefore the greater 
will be the capacity of the condenser and the greater the 
dielectric constant of the substance. In Figure 4, the mole- 
cule B has a greater turning effect than molecule A. Since 
a greater separation of charge produces a greater torque or 
electrical leverage, molecule B can be more easily turned 
than molecule A. Therefore B has a greater dielectric con- 
stant than A. The dielectric constant is then a measure of 
the separation of the charges in a molecule. 
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Not all molecules when placed between the plates of a 
condenser are turned at right angles to the plates as shown 
in the case of the charged bar (Figure 3). The thermal 
agitation of the molecules prevents perfect alignment. We 
can deduce that the lower the temperature the less will be 
the thermal agitation and 
the greater will be the align- 
ment. The dielectric con- 
stant of a polar molecule 
should therefore decrease 
with increasing tempera- 
ture. This conclusion is 
completely verified by ex- 
periment. 

Polar and Non-Polar Sub- 
stances. Those substances 
which have a large dielectric 
constant, that is, a large sep- 
aration in the charges, are known as polar substances and 
those which have little or no separation in charges as non- 
polar substances. Water is a polar substance and methane, 
CIL, and hexane, C 6 Hi 4 , a constituent of gasoline, are non- 
polar substances. We shall have more to say regarding such 
substances at a later time. 

Molecular Weights and Formula Weights. From a knowl- 
edge of the composition of a pure compound and from the 
atomic weights of its constituent elements it is possible to 
determine the simplest formula, but only the simplest 
formula, of the substance. For example, sodium chloride 
is found by analysis to contain 39.34% sodium. From 
this information and from the atomic weights of sodium 
and chlorine it can be determined that in sodium chloride 
there is one atom of chlorine for every atom of sodium.* 
The simplest formula for sodium chloride is therefore NaCl. 
This does not tell us that the molecule of sodium chloride 
consists of only one atom of chlorine and one of sodium; 

* For this calculation see some text in general chemistry. 




Figure 4. Schematic Representation 
of Two Polar Molecules. B More 
Polar than A 
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6.g. , it might contain two or* more atoms of each. In fact, 
there is no simple molecule of sodium chloride in the solid 
state for, as we have previously shown, each atom of sodium 
is surrounded by six chlorine and each chlorine by six sodium 
atoms. No chlorine atom is associated with any particular 
sodium atom. The size of the sodium chloride molecule in 
the crystal is the size of the crystal itself. For solid sodium 
chloride then, the term molecular weight has no definite 
meaning, if we wish to be very exact in our concepts and 
definitions, since the molecular weight is the relative weight 
of the molecule, as compared with the weight of a molecule of 
oxygen gas. For such a case we may use the term formula 
weight instead of molecular weight. 

The terms molecular weight and formula weight are often 
used interchangeably, but we must guard against loose 
thinking in doing so, since it might easily be implied that 
the molecule of solid sodium chloride consists of one atom 
of sodium and one atom of chlorine, which is not the case. 

Iodine in the gaseous state is diatomic and its formula is 
I 2 . It has been shown that in the solid state its formula is 
also I 2 , for in solid iodine two iodine atoms remain attached 
as a molecule, that is, each iodine atom has associated with 
it one other atom more tightly bound than the rest. Many 
substances including all organic compounds behave like 
iodine, but most inorganic substances are like sodium chlo- 
ride in that the molecule of the solid is not a definite entity. 

The Problem of Solubility. Some substances are soluble 
in each other in all proportions, while some are only so 
slightly soluble that we say they are insoluble. This differ- 
ence in solubility of various substances in the same or 
different solvents has been a subject of the greatest concern 
for the chemist. It is a problem which is so complex that 
its quantitative solution offers great difficulties, yet the 
fundamental principles involved are not at all out of. our 
reach. 

Let us consider two liquids which are practically insoluble ' 
in each other. As a specific example we shall choose water 
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and carbon tetrachloride. The water molecules are polar 
and those of carbon tetrachloride are non-polar. By virtue 
of their polarity, the water molecules have a greater tendency 
to adhere to each other (the positive end of one adhering 
to the negative end of another) than to molecules of carbon 
tetrachloride. As a result of the attractive forces of the 
water molecules for each other, any molecules of carbon 
tetrachloride which happen to be mixed with the water 
molecules are squeezed out. Due to thermal agitation, a 
few water molecules will probably break through the water 
surface in contact with carbon tetrachloride and wander off 
into this medium. For this reason, we cannot say that 
water and carbon tetrachloride are absolutely immiscible 
(absolutely insoluble in each other). The water molecules 
prefer each other to the molecules of carbon tetrachloride as 
neighbors. Likewise the molecules of carbon tetrachloride 
prefer each other. The polar dissimilarity of these two 
types of molecules, in a general way, accounts for the in- 
solubility of water and carbon tetrachloride in each other. 

Let us next consider a solution of two substances the 
molecules of both of which are polar. Water and ordinary 
alcohol are two such substances. The water molecules are 
somewhat more polar than the alcohol molecules. In this 
case the water molecules do not have any very great tend- 
ency to prefer each other as neighbors and the same is true 
of the alcohol molecules. The water molecules adhere to 
the alcohol molecules almost as strongly as they do to each 
other. Now there is no tendency for the water molecules to 
squeeze the alcohol molecules out of solution, nor do the 
alcohol molecules have this tendency toward water mole- 
cules. The result is that water and alcohol are soluble in 
each other in all proportions. 

Non-polar substances are also soluble in each other, for 
there is no great tendency for the like molecules to prefer 
each other as neighbors; hence no “squeezing-out” effect. 

No new considerations need be introduced in the problem 
of the solubility of solids in liquids. The attractive forces 
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of the particles for each other in the crystal, in general, are 
very great; nevertheless there will be competition between 
the crystal and the solvent for the particles of the solid. 
The stronger the crystal forces operating between the atoms 
or particles of the solid and the greater the squeezing-out 
tendency of the solvent, the less soluble will be the solid in 
question. 

It is possible to arrange substances in a series or table in 
order of the attractive forces operating between the mole- 
cules. An example of such a series is given in the following 
table. The non-polar substances appear at the top of the 
table and the polar substances at the bottom. Two sub- 
stances lying close together in the series are very soluble in 
each other; those far apart are relatively insoluble in each 
other. 

TABLE 1 

Relative Attractive Forces between Molecules 
Hexane 

Carbon tetrachloride 
Benzene . 

Toluene 

Chloroform m 

Naphthalene 3 

Anthracene 

p. Nitrobenzene o 

3 Pyridine 

& Carbon bisulfide 

Acetone 
Acetic acid 
^ Ethyl alcohol 
Methyl alcohol 
Water 


Some organic molecules are so complicated in structure 
that parts of the molecule may be regarded as polar and other 
parts as non-polar. "With such substances the problem of 
solubility is necessarily a much more complex one. 
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The compound, CH 3 CH 2 CH 2 CH 2 CH 2 CH 2 CH 2 CH 2 OH, oc- 
tyl alcohol, for example, consists of a long chain of carbon 
atoms, to one end of which is attached an OH radical. 
This OH end of the molecule is polar and the other end is 
non-polar. When placed in contact with water, only one end 
of the molecule is squeezed out of solution and the other 
end remains in contact with the water. The result is that 
the octyl alcohol molecule is squeezed to the surface of the 
water, with one end out of solution. Such phenomena are 
common and are of great interest in the study of surface 
chemistry. 

There is one type of solution, electrolytic solution, which 
we have not yet considered and to which we shall later 
largely confine our attention. Before going on with the 
problems of solubility pertaining to such solutions, we must 
first deal with some of their properties. 

The Concentration of a Solution. The simplest kind of 
a solution is made up of two components, the solvent and 
the solute. In general, the component present in the larger 
amount is known as the solvent, the other component, the 
solute. Thus, for a solution consisting of a large amount 
of water and a small amount of alcohol, water is the sol- 
vent and alcohol, the solute. If the alcohol were present 
in the larger amount, it would be the solvent and the 
water would be designated as the solute. However, for 
solutions consisting of water and an inorganic substance 
we shall arbitrarily refer to water as the solvent in all 
cases. A solution of sulfuric acid may be so concentrated 
that water is present in the smaller amount; nevertheless, 
we shall still regard the water as the solvent. In this 
course we shall be concerned chiefly with only three types 
of solutions, namely, gases, liquids and solids dissolved in 
water. 

The amount of the solute dissolved in a given quantity 
of water determines the concentration of the solution. The 
quantitative expression for the concentration may be de- 
fined in a number of ways. 


m 
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Weight-percent Solutions. The concentration of a weight- 
percent solution is expressed in terms of the number of 
parts of solute by weight contained m 100 parts of the 
solution. Thus 100 grams of a 36% solution of hydrochloric 
acid by weight contains 36 grams of HC1 and 64 grams of 

water. . 

Molal Solutions. The molal concentration of a solution 

is defined as the number of gram-molecular-weights or gram- 
formula-weights of solute dissolved in 1000 grams of water. 
In qualitative analysis we shall have no need to use solu- 
tions the concentrations of which are defined in this way. 

Molar Solutions. The molar concentration of a solution 
is defined as the number of gram-molecular-weights (moles) 
or gram-formula-weights dissolved in one liter of solution, 
i.e., in enough water to produce one liter of solution. Thus, 
a 2 molar solution of NaCl may be prepared by adding 
enough water to 116.92 (2 X 58.46) grams of NaCl so that 
the final volume is exactly one liter. The molarity (moles 
per liter) of this solution is 2 moles NaCl per liter or 2 M 
NaCl. A 2 M NaCl solution could also be prepared by add- 
ing enough water to 11.692 grams of NaCl to make 100 ml. 
(0.1 liter) of solution. 

The concentration of a solution bears no relation to the 
amount of solution. If the concentration of a solution is 
designated as 2 M then every drop, every milliliter, every 
liter or even every barrel of that solution has the same 
concentration, 2 M. 

The number of moles of a solute contained in a given 
am ount of solution is never equal to the molarity of that 
solution unless the volume should happen to be exactly one 
liter. The number of moles of a solute contained in any 
solution is equal to the molarity multiplied by the volume of 
the solution expressed in liters. In one ml. of a 2 M NaCl 
solution there is present .001 X 2 moles or .002 moles of 
NaCl. It is to be observed that a 2 M solution may also 
be defined as one which contains 2 millimoles per milliliter 
(a millimole is .001 mole and a milliliter is .001 liter). 
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.002 mole _ 2 moles 
.001 liter lliter ~ ZM 

In this text the concentrations of solutions will always be ex- 
pressed in terms of molarity. 

N ormal Solutions. The concentration of a solution is 
said to be 1 normal (IN) when enough water is added to 
1 gram-equivalent-weight * of the solute to make 1 liter of 
the solution. Concentrations expressed in terms of nor- 
mality are very convenient in quantitative volumetric analy- 
sis, but use of normal rather than molar solutions offers no 
decided advantage in this course. We shall therefore not 
be concerned with this method for expressing concentra- 
tion. 

Conductance of Electricity by Solutions — Electrolytes 
and Non- Electrolytes. We shall compare the conductance 
of electricity by solutions of different substances. Such a 
comparison will allow us to divide practically all substances 
into two general classes, electrolytes and non-electrolytes. 
The conductance of any substance is the inverse of the 
resistance offered by the substance to the passage of the 
electric current, that is, C = 1/R, where C and R represent 
the conductance and resistance respectively. Conductance, 
like resistance, is determined by measuring the electric cur- 
rent passing through the substance when a definite voltage 
is applied between the two terminals of the containing cell. 
For a given voltage the amount of current is proportional 
to the conductance, that is, a solution having twice the 
conductance of another will allow twice as much current 
to pass through it for the same applied voltage. 

In order to compare the conductances of solutions it is 
necessary that we consider the same number of equivalents 
of solute in each case. What we really wish to know is the 
conductance per equivalent weight of solute. 

Consider a conductance cell of the type illustrated in Fig- 

* The student is referred to any general chemistry text for a definition 
of this term. 
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ure 5. The cell itself is constructed of some non-conductor 
such as glass. The two electrodes A and B consist of metal 
strips which fit closely between the sides of the cell. The 
top is open. G is a current-measuring instrument such as 
an ammeter or a galvanometer and should be very sensitive 
if we wish to measure very small currents. For very rough 
measurements a light bulb may be used instead of the am- 
meter. If a conducting solu- 
tion is placed in this box and 
a voltage applied to the elec- 
trodes, any current which 
passes from A to B must 
pass through the solution. 
If a sugar solution is placed 
in this cell together with any 
additional amount of water, 
the mixture shows no ap- 
preciable conductance. The 
same is true of solutions of 
alcohol, ether, glycerine and 
many similar substances. 
On the other hand, if sodium 
chloride in water is placed 
in this cell, the solution is a 
very good conductor of elec- 



Figure 5. Conductance Cell and 
Measuring Instrument 


tricity. Solutions of many solutes such as HC1, H 2 S0 4 , 
NaOH and K 2 S0 4 show a high conductance, while only a 
relatively small number of compounds give solutions which 
are slightly conducting. 

The great majority of solutions fall into one of two distinct 
classes, very good conductors and non-conductors. Sub- 
stances the solutions of which are good conductors of 
electricity are called electrolytes, and substances that are 
non-conductors in solution, non-electrolytes. The difference 
in conductance shown by electrolytes and non-electrolytes 
is not merely a difference of degree. It is a difference of kind. 
If we were to classify all substances according to ability to 
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conduct an electric current, we should find a great number 
which show practically no conductance; almost all the rest 
show high conductance, with only a relatively few sub- 
stances falling between these two classes. If the difference 
between strong and weak electrolytes were one of degree 
rather than one of kind, we should expect most substances 
to show about the same conductance, with only a relatively 
few displaying very high conductance, and a very few, 
almost no conductance. Such would be the case if we were 
to consider the density rather than conductance of these 
same substances. The density of most substances lies be- 
tween 2 and 5 grams per milliliter (or cubic centimeter). 
Very few substances have densities less than 0.6 gram per 
milliliter, and very few, greater than 18 grams per milliliter. 

The difference of kind between strong and weak electro- 
lytes suggests that there is a fundamental difference between 
the molecular structures of these two classes of substances. 
At a later time we shall show that our concept of molecular 
structure adequately explains this difference. 

Variation of Conductance with Concentration. If 1 mole 
(gram formula weight) of an electrolyte such as sodium 
chloride is placed in the cell (Figure 5) together with 1 
liter of water (the cell is not filled), a definite conductance 
will be observed. Upon the addition of more water, the 
solution will be diluted but the same amount of sodium 
chloride will remain between the plates. However, it is 
observed that the conductance is increased. The fact that 
the conductance increases with dilution may at first sight 
seem to be an anomaly, since by dilution the concentration 
decreases, but it must be borne in mind that we are not 
considering the conductance of a solution with a fixed cross 
section. As water is added to the cell the surface of the 
electrode exposed to the solution increases, as does the cross 
section of the conducting solution. 

The conductance of an electrolyte increases with increas- 
ing dilution as shown in Figure 6. As the solution is diluted 
the concentration decreases (from right to left along the 
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horizontal axis). After considering the next section on “The 
Lowering of the Freezing Point” we shall give an explana- 
tion of this phenomenon. 



Figure 6. Change in Conductance with Concentration 

The Lowering of the Freezing Point. The freezing point 
of water is lowered by the addition of a solute. The differ- 
ence between electrolytes and non-electrolytes in this respect 
is well demonstrated in Table 2. The second column of the 
table gives the concentration of the solute in question in 
terms of moles or gram formula weights per liter of water, 
while the third column lists the freezing point lowering, 
i.e., freezing point of solution in degrees below 0° C. 

We see that for non-electrolytes 0.1 mole of any substance 
dissolved in 1 liter of water lowers the freezing point about 
0.186° C, and 0.2 mole per liter has twice this effect. It 
is to be observed that there is some variation in the effects 
of different solutes, but this variation is a relatively small 
one (methyl alcohol 0.181° C). The conclusion we can 
immediately draw is that the total number of moles per liter 
or the total number of molecules per liter of non-electrolytes 
is the principal determining factor in the lowering of the 
freezing point. The kind of molecule has little or no effect. 
If electrolytes behaved like non-electrolytes in solution, we 
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TABLE 2 

Freezing Point Lowering op Solutions op 
Substances in Water 


Substance Concentration 

Freezing Point 

(Non-electrolytes) (Moles per liter) 

Lowering 

Glycerine 

0.1 

0.187 

Glycerine 

0.2 

0.374 

Ethyl alcohol 

0.1 

0.183 

Methyl alcohol 

0.1 

0.181 

Methyl alcohol 

0.2 

0.362 

Dextrose 

0.1 

0.186 

Dextrose 

0.2 

0.374 

Cane Sugar 

0.1 

0.188 

Hydrogen peroxide 

0.1 

0.184 

Sugar 0.05 1 

Glycerine 0.05 J 

0.1 

0.187 

Average of a large num- 



ber of non-electrolytes 

0.1 

0.186 

(Electrolytes) 

HC1 

0.1 

0.352 

KNOa 

0.1 

0.331 

KC1 

0.1 

0.345 

NaCl 

0.1 

0.348 

NasS0 4 

0.1 

0.434 

CaCl 2 

0.1 

0.494 

NiCl 2 

0.1 

0.538 


should expect that their freezing point lowerings would be 
the same. More specifically, if sodium chloride in solution 
consisted of molecules, each of which contained one atom 
of sodium and one atom of chlorine, a gram formula weight 
would be the same as a mole and we should expect that the 
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lowering of the freezing point would be the same as for 
non-electrolytes. Instead the lowering of the freezing point 
for HC1, KNOs, KC1 and NaCl is almost twice that for 
non-electrolytes; and for Na 2 S 04 , CaCh and NiCh more 
than twice and almost three tunes that of non-electrolytes. 
Again we see a difference in kind between electrolytes and 
non-electrolytes. 

Interpretation of the Foregoing Facts by the Theory of 
Ionization. Our problem is to interpret the fact that elec- 
trolytes give a greater lowering of the freezing point — 
almost two and sometimes three times as great as that of 
non-electrolytes. In a general way, we already know the 
answer — the theory of ionization — yet let us follow the 
logic of the argument to determine what the assumptions 
are and to judge the justification of any conclusions we may 
draw. In order to explain the fact that the lowering of the 
freezing point of some electrolytes like NaCl is almost twice 
that for non-electrolytes, we assume that the electrolyte is 
present in the solution as ions, not as molecules. If sodium 
chloride existed in solution as uncharged molecules of NaCl 
we should expect a lowering of the freezing point of 0.186° 
per 0.1 formula weight. Twice this lowering would mean 
twice as many particles, which effect could be explained 
only by the presence of sodium and chlorine particles exist- 
ing separately in solution. Since a solution of sodium chlo- 
ride is a good conductor we also assume that the particles 
are charged; one kind to be positively charged and one kind 
negatively charged. 

In a general way the explanation seems to be a satisfactory 
one. However, we may ask why the lowering of the freezing 
point of sodium chloride and similar substances is not more 
nearly twice that of non-electrolytes. There are two possible 
ways of explaining this latter fact. Let us consider a 0.1 mo- 
lal solution (0.1 formula weight per 1000 grams of water — 
refer to page 12) of sodium chloride as an example. For this 
solution the freezing point lowering is 0.348° C. If all the 
sodium chloride existed as Na+ and Cl - ions we would ex- 
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pect the freezing point lowering to be 2 x 0.186° or 0.372° C, 
if ions behaved exactly like neutral particles or molecules in 
solution. If ions behaved like molecules in solution we can 
calculate that about 13% of the Na+ and CD ions are 
united in the form of uncharged NaCl molecules, i.e., 87% 
of all the sodium chloride in a 0.1 M solution is in the form 
of ions and 13% in the form of molecules. 

How does this explanation apply to the experimental re- 
sults of conductance? If the assumption that only part of 
the sodium chloride (87%) is in the form of ions is valid, 
then we should expect that at very great dilutions all or 
almost all of the sodium chloride would be in the ionic form, 
for at great dilutions the ions would be relatively far apart 
and would not have the same chance of combining with 
each other to form molecules. The molar or equivalent 
conductance would therefore increase with increasing dilu- 
tion, as it does. If further we assume that ions move with 
the same velocity in dilute as in the more concentrated 
solutions, then the conductance of a 0.1 M sodium chloride 
solution should be 87% of that of an exceedingly dilute one. 
As a matter of fact the conductance is about 90% that of 
the very dilute solution. The agreement between experiment 
and prediction, in this case, is not perfect but good enough 
to have led chemists to this view, which they retained over 
thirty years. Today the idea of partial ionization of strong 
electrolytes is no longer considered tenable in spite of the 
reasonable agreement referred to above. Chemists now 
regard practically all the sodium chloride in 0.1 M solution 
to be present as ions, not to the extent of 87% or 90%, but 
100% as ions. How then are we to explain the fact that the 
lowering of the freezing point is not 2 x 0.186° instead of 
0.348° and how are we to explain the increased conductance 
of sodium chloride with increasing dilution? 

Let us first get a picture of what we mean by the sodium 
ion or chloride ion in solution. The sodium ion is designated 
by the symbol Na + and from this it might be inferred that 
we believe that the sodium ion exists alone and unattached 
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to other molecules in the solution. Evidence from con- 
ductance experiments tells us, however, that the sodium ion 
has several molecules of water quite firmly attached to it. 
The number is somewhat variable and is dependent upon the 
concentration of the sodium chloride and upon the tempera- 
ture of the solution. From what we said previously regard- 
ing the polarity of water molecules we might expect such a 
process to take place. We might expect that the negative 
ends of the water molecules would be attached to the posi- 
tive sodium ion and form a 
blanket around it. Such a 
condition is illustrated in 
Figure 7. The same con- 
cept is held for the negative 
chloride ion and in general 
for all ions. 

Let us now examine 
closely the assumptions 
made in drawing conclu- 
Figure 7. Concept of the Hydrated sions regarding the partial 
Na+ Ion ionization of sodium chlo- 

ride to determine, if possible, the weak point of the argu- 
ment. Two assumptions were implicitly made : (1) that 
charged particles (ions) behave like neutral molecules in 
lowering the freezing point of water and (2) that ions under 
the influence of an electric field move with the same velocity 
in the dilute as in the more concentrated solutions. Ac- 
cording to the first assumption we might expect that ions 
in solution with their greater attractions for the polar mole- 
cules of water would not behave exactly like neutral mole- 
cules. The second assumption does not seem reasonable, 
since a positive ion will certainly be hindered in its movement 
toward the negative electrode by the proximity of negative 
ions. The negative ions will act as a “drag” upon the posi- 
tive ions and vice versa, tending to retard them. For this 
reason alone we should expect the conductance of concen- 
trated solutions to be less than that of dilute solutions. 
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The concept of ionic conductance and the effect of the 
close proximity of oppositely charged ions is illustrated in 
Figure 8. The attractive force between positively and nega- 
tively charged particles tends to keep them near each other 
and to prevent the easy flow of these ions w T hen they are 
placed between the two charged plates of a conductance 
cell. The nearer the particles are to each other (the more 
concentrated the solution) , the greater is this hindrance to 
flow, or the greater the “drag-effect” becomes. 

We can assume that the lowering of the conductance with 
increasing concentration is entirely due to this “drag-effect” 
and that the molecules are 
completely dissociated. 

Further evidence in support 
of the theory of complete 
dissociation is presented in 
Chapter III. Evidence 
which we cannot present 
here has further strength- 
ened this view until it has 
become almost universally 
accepted by chemists. 

Therefore we shall consider 
most strong electrolytes to 
exist in solution entirely in the form of ions. 

Of all the common acids that we encounter in the labora- 
tory, H2SO4, HN0 3 and HC 1 are 100% ionized (strong). All 
other common acids are partially ionized (weak). The 
hydroxides of the alkali and alkaline earth metals are strong 
bases. All salts are strong electrolytes with the exception 
of the halides of zinc, cadmium and mercury and a few of 
the salts of lead. 

There are other arguments which support the theory of 
ionization, as it was first proposed by Arrhenius. These 
include the transfer of matter by electricity in solutions of 
electrolytes, Faraday’s Law which was used to assign the 
number of charges on each ion, and the common color of the 



Figure 8. The Attractive Force be- 
tween the Ions Prevents Easy Flow 
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same ion in solutions of different salts. A consideration of 
these phenomena may be found in almost any textbook of 
general chemistry. 

The Solubility of Electrolytes in Water. In considering 
the solubility of electrolytes we must first regard the sub- 
stances in solution to be in the form of ions and not mole- 
cules. Experiment supports the view that in the crystal 
form the electrolyte also exists as positive and negative ions 
regularly arranged with respect to each other. The sodium 
chloride crystal, for example, is built up of sodium ions and 
chloride ions, alternately spaced in such a way that each 
sodium ion is surrounded by six negative chloride ions and 
each chloride ion by six positive sodium ions. The difference 
between the ions in the crystal and in solution is the close 
regular pac kin g in the crystal and the hydration as well as 
random distribution of the ions in solution. Our picture of 
the process of solution of sodium chloride is given in Fig- 
ure 9. The positive sodium ions leave the crystal and be- 
come surrounded by the polar water molecules, and the same 
is true of the negative chloride ions. The same number of 
chloride ions as of sodium ions enters the solution but no- 
where is it necessary to assume that the sodium and chloride 
ions leave the crystal as molecules. The same picture would 
apply to the reverse process, that of precipitation. 

Whether any electrolyte is soluble or only slightly soluble 
will depend upon the nature of the competition for its ions. 
If the forces of attraction of the ions for each other are great 
in the crystal, the solubility will necessarily be less, but if 
the tendency of the water molecules to hold the ions is great, 
the solubility will be increased. To say that a substance 
is very soluble means, according to our concept, that the 
crystal forces are small and that the attractive forces of the 
water molecules for the ions are great. Hydrated ions may 
be regarded as having some similarity to water molecules, 
since they have water molecules attached to them. 

Weak Electrolytes. Inasmuch as any strong electrolyte 
is to be regarded as completely ionized, its conductance in 
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water solution will be equal to the sum of the conductances 
of its individual ions. For example, the conductance of a 
solution of sodium chloride is equal to the conductance due 
to the Na + ion plus the conductance due to the Cl - ion. If 
in very dilute solution all ions were to move independently 
of each other and with the same velocity when subjected 



Figure 9. Schematic View of the Process of Solution and 
Crystallization of Sodium Chloride 

to the same conditions, it would follow that the equivalent 
conductance values of all electrolytes would be identical. 
Since the conductance values are not the same for all elec- 
trolytes of the same type we must conclude that some ions 
travel faster than others. Thus it might be expected that 
the light and small H + ion would travel faster than the 
heavy and large Cs + ion. 

In very dilute solutions we might expect that the “drag- 
effect” would be inappreciably small and that, when sub- 
jected to the same electric field (same voltage per centimeter 
length of cell), each ion would move with a definite velocity 
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which is independent of the nature of the ion with which 
it is associated. For example, the chloride ion would move 
with the same velocity in a dilute solution of potassium 
would in a dilute solution of sodium chloride. 
In other words, the conductance contributed by the chloride 
ion is the same in both solutions. 

However, in solutions of potassium chloride and sodium 
chloride the sodium ion would not travel with the same 
velocity as the potassium ion, nor would either of these ions 
necessarily travel with the same velocity as the negative 
chloride ion. At first sight it may be confusing to have a 
condition in which positive and negative ions travel with 
different velocities. One might argue that positive or nega- 
tive ions would accumulate at one end of the conductance 
cell. It must be borne in mind that reactions take place at 
the electrodes which will offset any such accumulation and 
keep the number of positive and negative charges the same 
in all parts of the cell. 

Let us assume that in dilute solution the ions are inde- 
pendent of each other in their current-carrying capacities, 
and follow the method of determining the conductance of 
nitric acid from the conductance values of solutions of 
sodium nitrate, sodium chloride, and hydrochloric acid. Let 
us imagine that we are using a cell such as that described 
on page 14 and that in all of the experiments, we impose 
the same potential between the two electrodes. Under 
these conditions the current carried by any electrolyte is 
proportional to its conductance. We shall designate the 
current carried by one equivalent of any substance as L. 
Since sodium nitrate is completely ionized, the current carried 
by this substance is equal to the current carried by the 
sodium ion plus the current carried by the nitrate ion. 

I/(NaN0 3 soln.) = L(Na+) + L( NO*") (2) 

L(HC1 soln.) = L(H+) + L(C1~) (3) 

By adding these two equations we obtain the conduct- 
ance of a solution containing one equivalent each of sodium 
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nitrate and of hydrochloric acid. The total conductance 
is the sum of the conductances of all four ions. 

L(NaN0 3 + HC1 soln.) 

= L(Na+) + L(H+) + L(N0r) + L(C1~) (4) 

If we could remove the sodium and chloride ions from this 
solution, a solution of nitric acid would be left. However, 
it is not necessary to remove these ions to obtain the con- 
ductance of a solution containing H + and N0 3 _ ions. Since 
the conductance of a solution of sodium chloride is 

L(NaCl soln.) = L(Na+) + L(C1") (5) 

we need only subtract equation (5) from equation (4) to 
obtain the desired result, L( H + ) + L(N0 3 ~), which is equal 
to the conductance of a dilute solution of nitric acid. Mak- 
ing this calculation quantitatively, we find that the value 
so calculated for the conductance of a nitric acid solution 
agrees with that obtained experimentally. Thus we have 
evidence that our assumption regarding the independent 
movement or current-carrying capacity of the ions is a 
reasonably valid one when applied to dilute solutions. 

In the same way we can calculate the conductance that 
a solution of acetic acid (HAc) would have if it were a 
strong electrolyte. This is the sum of the conductances 
of the hydrogen and acetate ions, which we can determine 
in the following manner: 

L(NaAc soln.) = L(Na+) + L( Ac") (6) 

L(HC1 soln.) = L(H+) + L(C1~) (7) 

LfNaCl soln.) = L(Na + ) + L(C1“) (8) 

Adding equations (6) and (7) and subtracting (8) we obtain 

(6) + (7) - (8) = L(H+) + L(Ac-) (9) 

The value so calculated would be the conductance of a dilute 
acetic acid solution if acetic acid were completely ionized. 

Comparing the value for the conductance of an acetic 
acid solution, as calculated above, with that determined 
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experimentally for a 0.1 M solution, we find that the experi- 
mentally determined conductance is only about 1% of the 
value calculated. The value of the conductance of a 0.1 M 
sodium chloride solution is about 90% that for a very dilute 
solution. This fact we explained by the “drag-effect” due 
to the attractions of the positive and negative ions for each 
other. With acetic acid, however, the ratio of the conduct- 
ance of a 0.1 M solution to that of a very dilute solution 
is of another order of magnitude (1%) and we cannot ex- 
plain this in the same way. We must now assume that 
acetic acid exists in solution chiefly as acetic acid mole- 
cules and that only about 1% of these molecules is disso- 
ciated into hydrogen and acetate ions. There are quite a 
number of substances, particularly organic acids and bases, 
which are only partially ionized. Such substances are known 
as weak electrolytes and are intermediate between non- 
electrolytes and strong electrolytes. While such substances 
are not as numerous, by any means, as either the strong 
electrolytes (sodium chloride type) or as the non-electro- 
lytes, they are nevertheless a very important class of sub- 
stances with which we shall be very much concerned* 

The difference in conductance shown by electrolytes and 
non-electrolytes is not merely a difference of degree. It is 
a difference of kind. If we were to classify all known sub- 
stances according to their abilities to conduct an electric 
current we should find that a great number would show 
practically no conductance and almost all the rest, high 
conductance, with only a relatively few substances falling 
between these two classes. This fact is illustrated graphi- 
cally in Figure 10, in which the conductances are plotted 
as abscissae and the fractional number of compounds con- 
sidered are ordinates. The two peaks show distinctly that 

* The terms strong and weak must not be confused with dilute and con- 
centrated. A strong electrolyte is completely or almost completely ionized 
in solution, while a weak electrolyte is ionized to only a small extent. A con- 
centrated solution is one which contains a relatively large amount of solute 
per unit volume, regardless of whether the solute is a strong, weak or a non- 
electrolyte. A dilute solution contains a relatively small amount of the solute. 
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there are two classes of compounds, one with no appreciable 
conductance and one with a large conductance, and that the 
difference is one of kind and not of degree. If the difference 
were one of degree we should expect most substances to 
show conductances much alike, with only a few having very 
high or very low values. 



Non-Electrolytes Week Strong 

CONDUCTANCE 

Figure 10 

The Differences between the Electronic Structures of 
Electrolytes and Non-Electrolytes. All the experiments of 
chemistry and physics are consistent with the view that 
atoms are built up of positively charged nuclei surrounded 
by negative electrons. The nucleus of the atom possesses a 
charge which is equal in magnitude to the total charge of 
all the electrons surrounding the nucleus. This charge is 
known as the atomic number of the atom. 

To account for the classification of the elements into the 
periodic system it is assumed that (1) the electrons in the 
atom are arranged in concentric shells; (2) the number of 
electrons in each shell is definitely limited; (3) the inner 
shells of an atom are filled while the outermost shell, except 
in the case of the rare gases, is not filled; and (4), the 
chemical properties of the atom depend upon the number 
of electrons in the outermost shell. 

The charge on the nucleus, hence the number of electrons 
surrounding it, increases by one unit in passing from one 
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element to the next element of higher atomic weight. When 

the number of electrons in the outermost shell becomes 
filled, a new shell is begun. The first or innermost shell 

requires two electrons to fill it. The next outer shell requires 
eight electrons and the other shells still more. The electrons 
of the filled shells are so tightly bound that they cannot be 
loosened sufficiently to form chemical bonds. Atoms are 
attached to each other to form molecules through transfer 
of electrons from one atom to another, or through shaiing 
of co mm on electrons by two atoms. Since only the elec- 
trons of the outermost shell undergo such transfer or shar- 
ing and thus account for the chemical properties of the atom, 
our attention shall be confined to these electrons. 

Sodium, the eleventh element (atomic number 11) in the 
order of increasing atomic numbers (hydrogen 1, helium 2, 
etc.) consists of a positive nucleus of eleven units of charge. 

I This nucleus is surrounded by eleven electrons arranged 

I in three shells. The first shell contains two electrons, the 

I second shell eight, and the third and outermost shell one 

I electron. The chlorine atom, with an atomic number of 

17, has two electrons in the first shell, eight in the second 
and seven in the outermost shell. Since it is only the outer- 
most electrons that are of significance from a chemical 
standpoint, it has become the customary procedure to repre- 
sent the electronic structure of an atom by its symbol sur- 
rounded by as many dots as there are valence electrons 
(electrons in the outermost shell). For this reason the 
sodium atom is represented by Na, and -Cl: represents 
the chlorine atom. 

All of the elements of the same group of the periodic 
system have the same number of electrons in the outer- 
most shell and accordingly have similar chemical properties. 
Thus, sodium and potassium atoms of the first group of 
the periodic table, while consisting of different numbers of 
total electrons, have one electron each in the outermost 
shell. The electronic formulae of the elements of this group 
are respectively Li, Na, K, Rb and Cs. 
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Inasmuch as the rare gases are not reactive, all the elec- 
tronic shells of these atoms must be stable. According to 
our theory each of these atoms has an outermost shell which 
is completed and consists of eight electrons, with the ex- 
ception of helium which has a completed shell of two elec- 
trons. On the basis of the stability of the rare gases, the 
assumption has been made that all atoms have the tendency 
to revert to this rare gas condition in their reactions with 
each other. The sodium atom, for example, has a tendency 
to lose one electron to form the sodium ion, the outermost 
shell of which has eight electrons, the structure of the rare 
gas neon. The chlorine atom, on the other hand, has a 
tendency to take up one electron in its reactions to form 
the chloride ion, which also has a rare gas structure. This 
structure corresponds to that of the element argon. 

Besides this assumption regarding the tendency to form 
groups of eight electrons by the transfer of one or more 
electrons from one atom to another, it is also assumed that 
stable groups of eight electrons can be formed by the shar- 
ing of common electrons between atoms. There is still the 
further assumption that electrons tend to form pairs within 
each shell. Each pair of electrons when in the outermost 
shell and when shared by two atoms forms what is com- 
monly known as the non-polar chemical bond. 

On the basis of these assumptions the valence and re- 
activity of atoms in compounds and the structure of mole- 
cules is explained. On this same basis a distinction between 
electrolytes and non-electrolytes becomes apparent when 
specific examples are considered. Electrolytes are charac- 
terized by electron transfer and non-electrolytes by electron 
sharing. 

When equal numbers of sodium and chlorine atoms com- 
bine to form sodium chloride, a typical electrolyte, the one 
outermost electron of each sodium atom is taken up by the 
chlorine atom thus forming, in the crystal, positively charged 
sodium ions and negatively charged chloride ions. A crystal 
of sodium chloride then consists, not of sodium and chlorine 
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atoms, but of sodium and chloride ions. The electronic 
structures of these ions are shown in Figure 11. Note in 
Figure 11 that each ion has an outermost shell of eight 

electrons complete in itself. 
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Sodium ion 


Cl 


Carbon tetrachloride, a 
non-electrolyte, consists of 
a carbon atom surrounded 
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Chloride ion 




Figure 11 


by four chlorine atoms. The 
carbon atom by itself has 
four electrons in the outer- 
most shell. These can sup- 
ply the vacancies in the out- 


ermost shells of the chlorine atoms in carbon tetrachloride, 
one electron for each chlorine. With the extra electron 
furnished by the carbon atom, each chlorine atom will have 
a completed group of eight electrons as its outermost 
shell. But the carbon atom also must have eight elec- 
trons surrounding it, so two 
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electrons must be shared by 
it and by each chlorine 
atom. That is, the carbon 
atom contributes four elec- 
trons and each chlorine 
atom one of its seven elec- 
trons to make a total of 
eight electrons about the 
carbon. All of these elec- 
trons then are shared be- 
tween the carbon and the 
chlorine. This condition is 
illustrated in Figure 12a. 

The electronic structure of methane, another non-electro- 
lyte, is shown in Figure 12b. In this case each hydrogen 
atom supplies one electron and the carbon four electrons. 
These electrons are shared by both the hydrogen and carbon. 
There are only two electrons for each hydrogen atom but 
this is also a rare gas structure, that of helium. 
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Figure 12a. Electronic Structure of 
Carbon Tetrachloride 
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Iodine chloride is a compound of iodine and chlorine 
having the formula IC1. The chlorine and the iodine atoms 
each have seven electrons in its outermost shell, and to 
produce an electronic structure for which each atom has 
eight electrons surrounding 
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it, it is necessary that two 
electrons be shared by the 
two atoms in question. The 
structure of this compound 
is given in Figure 13a. 

By referring to both Fig- 
ures 11 and 13a, the differ- 
ence between electrolytes 
and non -electrolytes be- 
comes apparent. Each atom 
of an electrolyte has a group 
of eight electrons about it Figure 12b. Electronic Structure of 
which has been completed Methane 

without the necessity of sharing any of these electrons with 
any other atom. The atoms of non-electrolytes are bound 
together by shared electrons. When electrolytes dissolve in 
water the ions can separate and still retain the group of 
eight about each ion. The atoms of non-electrolytes are 

held together so strongly by 
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the shared electrons that 
they cannot easily exist as 
separate ions. If iodine 
chloride were to dissociate 
in solution to produce one 
positive and one negative 
ion it would be necessary 
for the positive ion to have 
but six electrons about it. 
Such a condition is not necessary for the production of Na + 
and Cl - ions. Iodine chloride, since it is a compound pro- 
duced by the sharing of electrons, is not an electrolyte. 
Sodium sulfate is an electrolyte which exists in solution as 


Figure 13a. Electronic Structure of 
Iodine Chloride 
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sodium ions, Na + , and sulfate ions, SO4 • The sulfate ion 
does not dissociate into smaller fragments for it is held to- 
gether by shared electrons. Its structure is shown in Fig- 
ure 13b. The sulfate ion, however, does not require the 
sharing of two of its electrons with each sodium particle 
and therefore it can exist by itself in solution as an ion. 
The sulfur and oxygen atoms belong to the sixth group of 

the periodic system and 
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therefore each furnishes to 
the whole structure six va- 
lence or outside electrons. 
These five atoms then fur- 
nish thirty electrons but 
thirty-two are necessary for 
all the groups of eight shown 
in Figure 13b. The two ad- 
ditional electrons are fur- 
nished by the atoms with 
which this radical is asso- 
Figure 13b. Electronic Structure of ciated in the particular com- 
the Sulfate Ion (Dotted Circles pound in question; for ex- 
Indieate Completed Shells) amp l e , the two sodium atoms 

supply these in the compound Na 2 S0 4 , thus forming two 
sodium ions, and the two additional electrons on the sul- 
fate ion produce a charge of - 2. The sulfate ion is to be 
regarded as a unit with completed electronic structure. The 
oxygen atoms are held to the sulfur atom by shared elec- 
trons. This shared electron structure accounts for the 
stability of the sulfate ion; there is little tendency for the 
oxygen atoms to break away from the sulfur atoms. If 
this process were to take place, the groups of eight electrons 
shown in Figure 13b would be broken up. 

The Neutron — Hydrogen Atoms in Combination Form 
both Neutron and Helium-like Structures. The neutron 
is one of the fundamental atomic building blocks of nature. 
It consists merely of a nucleus with zero charge and no 
outside electrons, and its mass is very nearly the same as 
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that of the hydrogen atom. Because of the lack of charge 
on the nucleus and because of its small size (no outer 
electrons) , this particle has the ability to pass through thick 
blocks of lead, as well as other substances, with very little 
probability of being stopped. It is only stopped by collisions 
with the nuclei of other atoms, and since the nuclei are also 
exceedingly small, such collisions are of improbable occur- 
rence. Neutrons penetrate the nuclei of some atoms, cause 
changes within these nuclei, and give rise to nuclear reactions 
by which one element is converted into another. The sub- 
ject of nuclear chemistry does not come within the confines 
of our present study. 

The neutron may be regarded as an atom of a rare gas, 
which lies above helium in the zero group of the periodic 
system. The neutron and hydrogen together then constitute 
the first series of the periodic system. With this concept, 
the first three series of the periodic system are 
n H 

He Li Be B C N 0 F 

Ne Na Mg A1 Si P S Cl 

By sharing two electrons with another atom, the hydrogen 
atom shows its tendency to form the helium-like structure. 
In the compound LiH, lithium hydride, the hydrogen atom 
displays this tendency in a more marked fashion, for this 
compound in the molten state is in the form of Li + and H~ 
ions, as may easily be shown by electrolysis. 

When the hydrogen atom shows its tendency to revert to 
the neutron-like structure (no outside electrons), it forms a 
hydrogen ion. 

In some combinations, such as methane, hydrogen shares 
electrons with the carbon atom. In acetic acid three of the 
hydrogen atoms are held to a carbon atom by electron 
sharing; the hydrogen is in the helium-like state. The 
hydrogen atom attached to one of the oxygen atoms be- 
haves as though it shows the tendency to form both the 
helium-like and the neutron-like structure, for only part of 







Figure 14 

A. Hydrogen chloride molecules in B. Hydrogen chloride in solution, 
the liquid state. Hydrogen Hydrogen displays neutron- 
takes helium-like structure. like structure. 

these hydrogen atoms bound to oxygen in the acid molecule 
form H + ions by dissociation. 

Liquid hydrogen chloride (B.P. - 85° C) is not a good 
conductor of electricity. In this form it is not ionized as H + 
and Cl~ ions. The hydrogen and chlorine atoms are to be 
regarded as being attached to each other by electron sharing. 
When the molecules of hydrogen chloride are placed in water, 
however, the attraction of the water molecules for both the 
H + and Cl~ ions changes this tendency on the part of the 
hydrogen atoms, and they all revert to the neutron structure. 

For the purpose of explaining this dual behavior of hy- 
drogen, the neutron is regarded as a rare gas atom. 

Explanation of the Polarity of Molecules. In discussing 
polar molecules in a previous section in this chapter, no 
insight was given as to the reason for the differences between 
the polarities of various kinds of molecules. Our concept 
and theory regarding electronic structure offer an explana- 
tion of this phenomenon. To understand this problem we 
must bear in mind that the seat of the positive charge of an 
atom lies in the nucleus, while the electrons about the nu- 
cleus constitute the negative charge. 
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Let us first consider the neon atom and deduce from our 
concept of its structure whether neon is a polar or a non- 
polar substance. The charge on the nucleus is + 10 and 
there are a total of ten electrons in the two shells about 
the nucleus. The negative charge is symmetrically spaced 
about the positive charge and therefore there is no portion 
of the atom that contains more positive or negative charge 
than the diametrically opposite portion. The atom is there- 
fore non-polar. 

The chlorine molecule, the electronic formula of which is 
given 4 lines below, is made up of positive and negative 
charges symmetrically spaced. One chlorine atom is no 
more positively charged than the other. This substance is 
likewise non-polar. 

: Cl : Cl : 

Chlorine Molecule 

However, suppose one chlorine atom of the chlorine mole- 
cule is replaced by one iodine atom, we then have the 
molecule IC1, iodine monochloride. In this case the chlorine 
atom has a greater attraction for electrons than does the 
iodine atom and consequently a slightly greater negative 
charge exists about the chlorine than about the iodine atom. 
One end of the molecule is therefore slightly more negatively 
charged than the other and the molecule is slightly polar. 
The torque or turning effect of this molecule in an electric 
field would be equivalent to a positive and negative charge 
separated by only a small distance, and pictorially or 
schematically we may represent the polarity by a positive 
and negative charge rather close to each other, as shown 
in the following figure. 


Sodium chloride, as we have said, does not form molecules 
consisting of one atom or ion of chlorine and one of sodium 
either in the solid state or in solution. In the gaseous state, 
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however, the sodium chloride molecule does consist of one 
particle of chlorine and one of sodium. As _ previously 
stated, the sodium atom has a tendency to give up one 
electron and the chlorine atom displays a tendency to acquire 
an electron. Therefore in the gaseous NaCl molecule we 
should expect that portion of the molecule occupied by the 
sodium to be positively charged while that portion occupied 
by the chlorine atom to be negatively charged. The mole- 
cule should therefore be polar with the positive and nega- 
tive charges separated to a greater extent than in the IC1 
molecule. Schematically we might represent such a polar 

molecule by 

+ 


A relatively large effective distance exists between the 

charges. _ 

The water molecule is a highly polar one. The polarity 
on the part of this molecule gives us some insight into its 
structure. If the water molecule consisted of two hydrogen 
atoms and an oxygen atom all arranged in a straight line, 
such as 

H : 0 : H 

it should display no polarity, for all positive and negative 
charges would be symmetrically distributed about the oxy- 
gen atom. Since the water molecule is polar, we can con- 
clude that the above symmetrical structure is impossible. 
Rather, the structure of this molecule is more probably that 
represented by the formula given in Figure 15. Since the 
oxygen atom tends to hold electrons more tightly than the 
hydrogen atoms, that portion of the molecule containing 
the oxygen atom would be more negatively charged than 
that containing the two hydrogen atoms. 

In general, if one atom in a molecule has a greater tend- 
ency to hold electrons than any of the others, the molecule 
will tend to be polar unless it is symmetrical. In CCL, for 
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Figure 15. Water Molecule 


example, the chlorine atoms are negatively charged with re- 
spect to the carbon atom but the four chlorine atoms are 
symmetrically placed around the carbon atom and no po- 
larity results. Chloroform, CHC1 3 , on the other hand, does 
display polarity because of lack of symmetry. 

The Hydrogen Ion in Water Solution — The Hydronium 
Ion. The hydrogen ion or proton is unique among positive 
ions in that it has no valence electrons and like the neutron 
is very small. Like other ions it is hydrated in solution, 
i.e., surrounded by polarized water molecules, but because 
of its small size and because the water molecule also con- 
tains protons, it is assumed that for the most part the 
hydrogen ion does not exist in the uncombined form in 
water solution. Through a regular chemical binding (i.e., 
an electron pair) the proton may attach itself to a water 
molecule to form H 3 0 + . This singly hydrated hydrogen 
ion is known as the hydronium ion. This ion behaves lik e 
any other positive ion in that it is also to be regarded as 
one which is surrounded by polarized water molecules. 

The hydronium ion is the analog of the well-known am- 
monium ion. Liquid ammonia, NH 3 , has many properties 
common to water. Like the water molecule the ammonia 
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molecule is polarized, and like water ammonia dissolves 
many salts to form conducting solutions. If a pure acid 
is added to liquid ammonia, the NH 4 + ion is produced. 
A typical reaction is 


NH 3 + HNOs = NH 4 + + NOs 


By analogy we may argue that the proton in solution is 
not H+ but H 3 0+. The addition of a pure acid to water 
would give the analogous reaction 


H 2 0 + HNOs = H 3 0+ + N0 3 


The electronic structures of both the ammonium ion and 
the postulated hydronium ion are given in Figures 16 and 

17 respectively. In the 






Figure 16. The Ammonium Ion 


structure for the hydronium 
ion it is apparent that all 
three hydrogen atoms (or 
ions) are to be regarded as 
being alike, and that any 
one of the three can be re- 
moved. It should be pointed 
out, however, that these 
three hydrogen atoms are 
not in the same condition 
as are the two hydrogen 
atoms in the water molecule. 


The removal of one hydrogen ion from the hydronium ion 
results in the return of the two remaining hydrogens to 
their former condition. For 


example, if metallic zinc is 
placed into a solution con- 
taining hydronium ion (HC1 
solution), only one of the 
three protons is liberated 
as hydrogen gas. By the re- 
moval of one of these, water 
is left which we know does 
not react with metallic zinc. 




Figure 17. The Hydronium Ion 
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With this concept the process of neutralization becomes 
one of competition between the water molecule and the 
OH - ion for the proton. The OH" ion has the greater 
affinity for the proton and therefore robs the H 3 0+ ion of 
it. The reaction for neutralization is 

H 3 0+ + OH- = 2H a O (12) 

Both the hydronium and hydroxide ions are hydrated in 
solution but this excess hydration is not represented in their 
formulae. 

We may regard the reactions involving the hydrogen ion 
from two points of view: (1) the transfer of protons from 
water molecules to other proton acceptors, and (2) the addi- 
tion of hydrogen ions (protons) to acceptors (such as OH~ 
ion, Ac - ion, etc.). The latter viewpoint is that one which 
has been accepted for many years. It recognizes that the 
proton is hydrated and in solution may exist in the non- 
hydrated form, H+, the singly hydrated form, H s 0 + , the 
doubly hydrated form, H 5 0 2 + , and possibly in forms of 
higher degrees of hydration. All these forms have been 
lumped together as “the hydrogen ion,” having the simple 
symbol H + . According to the Brpnsted * viewpoint it is 
assumed that the amount of unhydrated H + ion is ex- 
tremely small and that the singly hydrated form, H 3 0 + , is 
the principal species present in any water solution. 

Throughout this text we shall continue to use the sim- 
plified concept and to indicate the hydrogen ion in solution 
merely by the symbol H + , except in those places where the 
material in question is re-interpreted in terms of these newer 
definitions. As we shall see this concept has some distinct 
advantages but we shall retain the older definitions inas- 
much as they have been used in the development of almost 
the whole of modern chemistry. As this course progresses 

* Johannes Nicolaus Br0nsted (1879- ) a Danish physical chemist, 

Director of the Physico-Chemical Institute at Copenhagen, introduced new 
definitions and a new concept of acids and bases. These definitions will be 
developed at the appropriate places in the following chapters. 
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we shall find it profitable to compare these two points of 
view. 

The Use of Ionic Equations. If a solution of sodium 
hydroxide is neutralized by one of hydrochloric acid the re- 
sulting solution will be one of sodium chloride. The hydrox- 
ide ion, OH - , of the sodium hydroxide solution reacts with 
the hydrogen ion of the hydrochloric acid solution to pro- 
duce water; no reaction takes place between the sodium 
and the chloride ions. If the equation we are to use to repre- 
sent the change taking place in this reaction is to include 
only those substances which disappear and those which are 
formed we may express the above change by 

H+ + OH- = H 2 0 (13) 

Br0nsted: H s O + + OH - = 2H 2 0 (14) 

Some prefer to express this change as 

HC1 + NaOH = NaCl + H.O (15) 

or if the substances involved are to be expressed as ions, 

H+ + Cl" + Na+ + OH - = Na+ + Cl" + H 2 0 (16) 

In the last equation the ions Na + and Cl" appear on both 
sides and may be cancelled to give equation (13), or if equa- 
tion (16) were written in the Brpnsted terminology the re- 
sult, with cancellation, would be equation (14). It is true 
that this last equation does not give information as to what 
particular kind of solutions were used, for the neutraliza- 
tion of solutions of potassium hydroxide and nitric acid 
would be expressed by the same equation. On the other 
hand, the use of the simple equation (13) includes only those 
substances that enter into the reaction and gives the in- 
formation that strong electrolytes are involved. This equa- 
tion also tells us that the substances involved are in solution. 
If gaseous hydrogen chloride were to react with solid sodium 
hydroxide to give steam and solid sodium chloride, the equa- 
tion for the reaction would be more properly expressed by 
(15). For these reasons we shall use ionic equations when- 
ever ions are involved in the reactions. 
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In writing an equation for the neutralization of a solution 
of acetic acid (HAc) by a solution of sodium hydroxide, we 
write 

HAc + OH- = H 2 0 + Ac- (17) 

Here we write acetic acid as HAc and not as H + for in this 
case most of the acetic acid in solution is in the form of 
molecules and not as ions. It is the molecules of acetic acid 
which ultimately disappear, so it is necessary to include them 
in the equation. 

Likewise, the formation of silver chloride by the addition 
of a solution of silver nitrate to one of sodium chloride is 
written 

Ag+ + Cl- = AgCl(solid) (18) 

In this reaction only the silver and chloride ions and the 
precipitated silver chloride are involved; the sodium and 
nitrate ions take no part in the reaction whatsoever, they 
contribute neither to the forward nor to the reverse re- 
action. 

EXAMPLES OF PROBLEMS 

Example 1. 

How many grams of KBr will be needed to make 150 ml. of 
a 2 M solution? 

1 mole (formula weight) KBr = 39.1 + 79.9 = 119.0 g. 

2 moles KBr = 2 X 119.0 = 238.0 g. 

1 liter of a 2 M KBr solution contains 238.0 g. 

1 ml. of a 2 M KBr solution contains 0.238 g. 

150 ml. contains 150 X 0.238 == 35.7 g. 

Therefore, if enough water is added to 35.7 g. KBr to make 
150 ml. a 2 M solution will be obtained. 



Example 2 . 

It is desired to make a 0.1 M solution by adding water to 5 g. 
of AgNCb. What must be the final volume of the solution after 
all the water is added? 

1 mole AgN0 3 = 107.9 + 14.0 + 3 X 16 = 169.9 g. 

A 0.1 M AgN0 3 solution contains 16.99 g. per liter or .01699 g. 
per ml. 

5 g. AgN0 3 furnishes enough for or 294 ml. 
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Example S. 

How many ml. of water must be added to 5 ml. of 12 M HC1 
solution to make a 3 M HC1 solution? 

Note: In all dilution problems we shall assume that the final 
volume is equal to the volume of the initial solution plus the volume 
of the water added; i.e., that the volume occupied by all molecules 
or ions is the same in solutions of all concentrations. 

In 1 ml. of a 3 M solution there are ^ or | as many mole- 
cules as there are in 1 ml. of a 12 M solution. Therefore, enough 
water must be added to the 12 M solution to make its final volume 
4 times as great as it was originally. In this problem the final 
volume must be 4 X 5 ml. or 20 ml. Therefore 15 ml. of water 
must be added. In brief, the final volume must be5Xf ml. 

12-3 


The amount of water added is 5 X 


15 ml. In 


general, the volume of water added equals the initial volume of 
Co — c 

solution multiplied by — - 1 where C 2 is the larger concentra- 


Ci 


tion and Ci the smaller. 


Example 4 . 

How many ml. of a 2 M HC1 solution is necessary to neutralize 
3 ml. of a 0.5 M NaOH solution? 

1 mole HC1 neutralizes 1 mole NaOH. 

The same number of moles of HC1 are required as there are 
moles of NaOH in 3 ml. of a 0.5 M NaOH solution. 

If the HC1 solution were 0.5 M, instead of 2 M, equal volumes 
of each would be required. But the HC1 is 21 or 4 times as 
concentrated as the NaOH therefore less is required. Specifically, 
\ as much would be required as would be the case if the HC1 
were 0.5 M. 

Number of ml. of HC1 required = 3X~ = 0.75 ml. 

A 

Example 5. 

How many ml. of 6 M H 2 S0 4 would be required to neutralize 
100 ml. of 3 M NaOH? 

Since the H 2 S0 4 contains 2 replaceable H atoms (H+ ions) and 
NaOH contains only 1 replaceable OH radical (OH - ion), one- 
half as many moles H 2 S0 4 are required as the number of moles 
of NaOH contained in 100 ml. of 3 M NaOH. 
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If the H2SO4 were 1.5 M, instead of 6 M, 100 ml. would be 
required, but with 6 M H2SO4 the amount required would be 
1 5 

100 X -77- = 25 ml. 

6 

Example 6. 

What is the molarity of a H2SO4 solution which contains 
33.33% H2SO4 by weight and which has a density of 1.25? 

One liter of the solution weighs 1000 X 1.25 or 1250 g. 

The number of grams of H 2 S0 4 in one liter is 0.3333 X 1250 
or 417 g. 

One mole of H2SO4 is 98.1 g. The number of moles in one 
417 

liter is gg-y = 4.25 moles per liter. The solution is therefore 
4.25 M. 

QUESTIONS AND PROBLEMS 

1. What is the distinction between a glass and a crystalline 
solid? 

2. Account for the fact that glycerine, when cooled to a suffi- 
ciently low temperature, in some cases solidifies to form a glass, 
and in other cases, to form a crystalline solid. 

3. What is the dielectric constant of any given substance? 

4. How does a polar molecule differ from a non-polar one? 

5. Taking into account the thermal agitation of molecules, 
explain why the dielectric constant for a given substance is lower 
the higher the temperature of the substance. 

6. Does a molecule of solid sodium chloride consist of one 
ion of sodium and one of chlorine? Explain. 

7. Explain why two liquids, one of which consists of polar 
molecules and one of non-polar molecules, are immiscible in each 
other. 

8. What is the difference between an electrolyte and a non- 
electrolyte? 

9. By what reasoning can we come to the conclusion that 
there is a sharp difference between electrolytes and non-electrolytes 
(e.g., a difference of kind)? 

10. Is the equivalent conductance (conductance of 1 gram 
formula weight) of sodium chloride in solution increased or de- 
creased if the solution is diluted with water? 
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11. What is the average lowering of the freezing point of water 
if 0.1 mole per liter of a non-electrolyte is added to it? 

12 What would be the freezing point of a solution which con- 
tains' .05 mole of sugar, .05 mole of glycerine and .05 mole of 
alcohol, all in 1 liter of the same solution? 

13. Explain why a dilute solution of sodium chloride has a 
greater conductance (per formula weight of NaCl) than does a 
more concentrated solution. 

14. Is it necessarily true that ions in solution will behave like 
neutral molecules in their effect on the lowering of the freezing 
point? 

15. Is a sodium chloride solution regarded as containing both 
sodium chloride molecules and the ions Na^" and 01 ? Explain. 

16. What is the distinction between a strong acid and a con- 
centrated one? Name three strong acids. 

17. Give a schematic picture of the process taking place when 
solid sodium chloride dissolves in water. 

18. Give an example of a weak electrolyte. 

19. The equivalent conductance of a .01 molar solution of 
NaNOs at 25° C is 99 reciprocal ohms; that for a .01 molar solu- 
tion of HC1, 391 reciprocal ohms; and for a .01 molar solution of 
NaCl it is 107 reciprocal ohms. Calculate the equivalent con- 
ductance of a .01 molar solution of HNO s and compare with the 
experimental value of 384 reciprocal ohms. 

20. Write the ionic equation for the neutralization of a hy- 
drochloric acid solution by one of sodium hydroxide. Repeat this 
operation using the hydronium ion instead of the hydrogen ion. 

21. Write the electronic formulae for (a) the sodium atom, 
(b) the sodium ion, (c) the chlorine atom, (d) the chloride ion. 

22. Give the electronic structure for (a) the ammonium ion, 
(b) the hydronium ion, (c) the water molecule, (d) the sulfate 
ion, (e) the ammonia molecule, (f) the chlorine molecule. 

23. What is the argument for the existence of the hydronium 
ion in water solutions of acids? 

24. Write the electronic formula for a compound in which 
two or more electrons are shared. Write the electronic formula 
for a compound in which electrons are transferred. 
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25. What is the essential difference between the electronic 
structures of electrolytes and non-electrolytes? 

26. To what group of the periodic system does the neutron 
belong? 

27. Explain why hydrogen in combination may form both 
electrolytes and non-electrolytes. 

28. Explain what happens when hydrogen chloride gas is dis- 
solved in water, 

29. What is the molarity of a solution which contains 5 g. 
HC1 in 100 ml. of solution? 

30. How many moles of NaOH are contained in 200 ml. of a 
0.5 M solution? 

31. How many grams of H 2 S0 4 are there in 40 ml. of a 0.1 M 
H 2 S0 4 solution? (H = 1, S = 32, O = 16) 

32. If 27 ml. of water is added to 35 ml. of a 0.1 M solution 
of any substance, what is the molarity of the final solution? 

33. (a) How many moles are 5.85 g. of NaCl? (Use 23.0 as 
the atomic weight of sodium and 35.5 as the atomic weight of 
chlorine.) 

(b) If this amount of NaCl is dissolved to make one liter of 
solution, what is the molarity of the solution? 

(c) If this amount of NaCl is dissolved to make 500 ml. of solu- 
tion, what is its molarity? 

34. How many grams of solute are contained in each of the 
following solutions? 

(a) 250 ml. of 0.1 M MnCl 2 solution 

(b) 500 ml. of 5 M H 2 S0 4 solution 

(c) 25 ml. of 2 M Na 2 C0 3 solution 

(d) 12 ml. of 0.1 M AgN0 3 solution 

(e) 125 ml. of 0.5 M BaCl 2 solution 

(Assume the solute to have the formula indicated in each 
problem, i.e., unhydrated. See inside front cover for atomic 
weights — use only first figure beyond decimal point.) 

35. If in each of the following cases it is desired to make a 
0.1 M solution, what must be the final volume of the solution 
after the addition of water? 

(a) 10 g. NaCl, (b) 20 g. AgNO s , (c) 10 g. HgCl 2 , (d) 10 g. 
Na 2 SO4-10H 2 O, (e) 1 g, CuS0 4 *5H 3 0 
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36. How many ml. of water must be added to each of the 
following solutions to give the desired concentration? 

(a) 10 ml. 6 M HC1 to give a 2 M solution 

(b) 25 ml. 2 M H 2 S0 4 to give a 0.1 M solution 

(c) 6 ml. 0.1 M AgNOs to give a .01 M solution 

(d) 35 ml. 1.5 M H 2 S0 4 to give a 0.3 M solution 

(e) 2 ml. 0.3 M NaCl to give a 0.25 M solution 

37. How many ml. of 0.1 M AgN0 3 solution and how many 
ml. of water must be mixed to give 250 ml. of .03 M AgN0 3 
solution? 

38. How many ml. of 0.1 M HC1 solution is required to neutral- 
ize 25 ml. of 0.3 M NaOH solution? 

39. How many ml. of 0.1 M H 2 S0 4 solution is required to 
neutralize 25 ml. of a 0.3 M KOH solution? 

40. How many ml. of a 1.5 M HC1 solution is required to 
neutralize 75 ml. of a 0.2 M NaOH solution? 

41. How many ml. of a 0.1 M HN0 3 solution is necessary to 
neutralize 15 drops of a 1 M NaOH solution? (Assume that 
20 drops equals 1 ml.) 

42. What is the molarity of each of the following solutions? 

(a) 93.1% H2SO4 by weight (Density is 1.835) 

(b) 32.3% HN0 3 by weight (Density is 1.200) 

(c) 40.0% HC1 by weight (Density is 1.200) 

(d) 16.0% NaOH by weight (Density is 1.180) 


The following review problems cover material not treated in this 
text. If necessary the student should refer to any general chemistry 
text for help. 

43. A flask is filled with NH 3 gas at 76 cm. pressure and at 
25° C. After a catalyst has been placed in the flask it is sealed. 
The flask is then heated and the NH 3 is completely converted into 
H 2 and N 2 in accordance with the equation 


2NH 3 = 3H 2 + N 2 

What is the total pressure of the mixed gases after the flask has 
again been cooled to 25° C? 


44. What per cent of lead is there in each of the following oxides: 
(a) PbO, (b) Pb0 2 , (c) Pb 2 0 3 , and (d) Pb 3 0 4 ? 
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45. Ten grams of CuS0 4 • 5H 2 0 is heated to drive off the 

water of crystallization. After dehydration what is the weight of 
the anhydrous CuS0 4 ? ° ‘ 

46. One hundred grams of iron combine with 30.1 liters of oxy- 
gen, measured at standard conditions, to form a solid oxide. What 
is the formula of the oxide? 

47. Lead oxide decomposes to form oxygen in accordance with 
the following equation 

2Pb0 2 = 2PbO + 0 2 

How many grams of Pb0 2 are necessary to give 22.4 liters of 0 2 , 
measured at standard conditions? 

48. How many grams of oxygen will combine with 10 g. of 
magnesium to form MgO? 

49. Assuming that a certain iron ore were pure Te 2 0 3 calculate 
the maximum number of pounds of iron that could be obtained 
from one ton of this ore. 

50. 1.000 g. of copper is placed in a crucible covered with 
sulfur and heated out of contact with air. A reaction takes place 
between the copper and the sulfur. After the reaction is complete 
the excess sulfur is burned off as S0 2 . The residue in the crucible 
now weighs 1.253 g. How many atoms of copper combine with 
one atom of sulfur? What is the formula for the sulfide of copper? 

51. An oxide of chromium contains 68.4% chromium and 
31.6% oxygen. What is its formula? 

52. The chloride of a certain metal contains 64.1% of chlorine. 
What is the equivalent weight of the metal? 


CHAPTER II 


REACTION VELOCITY AND CHEMICAL EQUILIBRIUM 

In this chapter we shall be concerned with the problem 
of deter minin g the extent to which chemical reactions take 
place and with the ways and means that are employed to 
control reactions and have them proceed as advantageously 
as possible. The problem can be stated more concretely by 
considering some specific example. For this purpose we 
shall choose the reaction 

N 2 + 3H 2 = 2NH 3 (1) 

In which direction does this reaction proceed at some speci- 
fied temperature and pressure? At 1000° C and at a total 
pressure of one atmosphere, for example, will nitrogen react 
with hydrogen to form ammonia or will ammonia at this 
same temperature and pressure decompose into its con- 
stituent elements? From the results of experiment we know 
that at this temperature and pressure ammonia decomposes 
to a very large extent (practically completely) into nitrogen 
and hydrogen. Therefore, at one atmosphere pressure and at 
1000° C nitrogen and hydrogen cannot combine appreciably 
to form ammonia. 

At 450° C and one atmosphere pressure about 99.7% of 
the ammonia decomposes but in the absence of a catalyst it 
is necessary to wait a very long time before the reaction 
reaches this point. Once this amount of decomposition has 
taken place, the reaction will proceed no further. This is 
the limit beyond which the reaction will not go. At 25° C 
it can be shown that only about 3% of the ammonia should 
decompose if the reaction proceeded rapidly enough. No 
means are known to the chemist of increasing the velocity of 
this reaction under these extreme conditions. 

48 
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The limit to which any reaction can proceed is one of the 
important factors in determining its course. But it is ap- 
parent that there is another important factor controlling it, 
that of speed. These two factors, limit and speed, are 
sometimes confused when the “reactivity” of any substance 
or group of substances is considered. Reactivity usually 
refers to the velocity, or speed. 

If only 3% of ammonia at 25° C and at one atmosphere 
pressure can decompose, then, conversely, hydrogen and 
nitrogen should combine at this same temperature and pres- 
sure to form ammonia, but this reaction also is not a feasible 
one because of its slow speed. Nitrogen is said to be non- 
reactive toward hydrogen in spite of the favorable limit of 
the reaction. 

The subject of chemical equilibrium deals only with the 
limit or extent to which a reaction can take place. But a 
clear understanding of this subject demands a clear concept 
of reaction velocity and the factors which control it. 

The Factors Controlling the Speed of a Reaction. Before 
two or more molecules can react they must collide with each 
other. But not every collision between reacting molecules 
is effective. In a vessel containing a mixture of hydrogen 
and oxygen at room temperature, billions of collisions occur 
each second between the molecules, yet no reaction occurs. 
Only those collisions which allow the molecules to penetrate 
deeply into each other result in reaction. This means that 
only collisions between fast moving molecules or between 
molecules having large energies with respect to each other 
will be effective. At room temperature there are not enough 
effective collisions between hydrogen and oxygen molecules 
to cause an appreciable number to react. How can the 
number of effective collisions be increased? 

Effect of Temperature. From our knowledge of the kin etic 
theory of gases and our concept of temperature, it is easy to 
predict that an increase in the temperature of the reactants 
will increase the speed of the reaction. By increasing the 
temperature the velocity of the molecules is increased. Con- 
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sequently, at a higher temperature there are more effective 
collisions, and the number of such collisions increases very 
rapidly as the temperature is raised. Suppose, for example, 
that each effective collision must involve molecules which 
have fifty times as much energy with respect to each other 
as the average energy. In such a case one in every 10 33 * 
collisions, as calculated from quantitative kinetic theory 
considerations, would be effective at 25° C. At 100° C 
there would be one effective collision in every 10 27 , an in- 
crease of one million-fold in the number of effective collisions. 
While the average energy of the molecules does not increase 
very rapidly as the temperature is increased, the number of 
collisions involving large energies does. In the case just 
considered, we assumed that an effective collision required 
fifty times the average molecular energy. If the effective 
collision required only twenty times the average energy, 
then at 25° C one in every 10 13 collisions would be effective 
and at 100° C one in about every 10 10 . This time the 
number of effective collisions increases only one thousand 
times in going from 25° C to 100° C. 

For a large proportion of all reactions the speed approxi- 
mately doubles for every 10° rise in temperature. The 
process of cooking food involves chemical reactions. Most 
of these reactions proceed at about 100° C, the boiling point 
of water, but the cooking process can be hastened by the 
use of pressure cookers since, by not allowing the steam 
to escape, the temperature of the water can be increased 
beyond 100° C. When the vapor pressure of the water in 
the cooker is 25 lbs. per square inch in excess of that of the 
atmosphere, the temperature of the water is about 130° C. 
If the increase in the cooking speed doubles for every 10° 
rise, the speed at 130° C should be about eight times 
(2 x 2 x 2) that at 100° C. Conversely, when the cooking 
is done at high altitudes in open vessels, the speed of the 
cooking reaction is decreased, for at decreased atmospheric 
pressure water boils at a lower temperature. 

* For a discussion of exponential numbers refer to the Appendix, page 469. 
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When hydrogen and oxygen are heated to 500° C the re- 
action to form steam proceeds at a measurable rate. For 
this reaction the velocity more than doubles with every 10° 
rise in temperature, and at room temperature its rate is 
millions of millions of times slower. The combination of 
hydrogen with oxygen liberates a large amount of heat. 
If heat is generated faster than it can be removed, the re- 
acting substances are raised to still higher temperatures and 
the reaction is further accelerated. This acceleration may 
take place in a fraction of a second and give rise to an 
explosion. 

The burning of fuel such as wood also evolves heat. In 
this case the reaction does not get out of control but the 
heat evolved is sufficient to keep the burning material and 
the air above the kindling temperature. This reaction is a 
self-sustaining one, as are many of the reactions which 
evolve heat. When heat is absorbed by the reaction, the 
reaction cannot be self-sustaining. In this case heat must 
be supplied to the reactants. 

Reactions involving ions, such as the neutralization of a 
strong acid by a strong base (see equation 13, Chapter I), 
proceed very rapidly. For such reactions the ions have an 
attraction for each other and no excess energy is required 
for contact close enough to give rise to a reaction. Every 
collision or practically every collision between the ions is 
an effective one. 

Effect of Concentration. By increasing the concentration 
of all or any of the reacting substances, the velocity of a 
reaction increases. With increased concentration any one 
molecule has a greater chance of colliding with another with 
which it may react. Hydrogen does not react as rapidly 
with air which is one-fifth oxygen as it does with pure 
oxygen. Also, a mixture of hydrogen and oxygen at very 
low pressures reacts more slowly than at high pressures. In 
fact, a mixture of hydrogen and oxygen does not explode 
when ignited if the total pressure of the mixture is sufficiently 
low. In any reaction taking place between two reactants, 
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doubling the concentration of any' one reactant doubles 
the number of total collisions and also doubles the number 
of effective collisions. Doubling the concentration of both 
reactants quadruples the number of collisions. 

The reaction between gaseous iodine and hydrogen to 
form gaseous hydrogen iodide may be considered as an ex- 
ample to illustrate the effect of concentration on the speed 
of the reaction. 

H 2 + I, - 2HI (2) 

Consider first the reactants under conditions of temperature 
and concentration (or pressure) which allow a measurable 
reaction speed. If the hydrogen concentration is now 
doubled and the concentration of the iodine kept the same, 
the reaction speed will be doubled, for now each iodine atom 
will make twice as many collisions with hydrogen atoms, 
hence twice as many effective collisions. The same result 
would be obtained by doubling the concentration of iodine 
and keeping the concentration of the hydrogen the same 
as it was originally. If now both the concentration of the 
hydrogen and the concentration of the iodine are doubled, 
the number of effective collisions will be increased fourfold 
and the speed of the reaction will be four times as 1 great. 
This concept will be developed more fully in the latter part 
of this chapter. 

Effect of a Catalyst. The speed of many reactions is in- 
creased by the presence of some substance which itself 
undergoes no permanent chemical change during the re- 
action. Such a substance is known as a catalyst. Catalysts 
may be divided into two general classes: (1) contact 
catalysts, and (2) those which form intermediate substances 
which in turn react to regenerate the catalyst. The reaction 
of sulfur dioxide with oxygen to form sulfur trioxide in the 
presence of nitric oxide is an example of the latter class. 
Oxygen does not react with sulfur dioxide with any ap- 
preciable speed at 500° C when no other substance is present, 
yet in the presence of nitric oxide, NO, this reaction pro- 
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ceeds rapidly. The nitric oxide itself combines readily with 
oxygen and the product formed, NO 2 , then reacts with the 
sulfur dioxide forming sulfur trioxide and regenerating the 
nitric oxide for further use as a catalyst. Known catalysts 
of this type are far fewer than contact catalysts. 

Contact catalysts are those which provide a surface upon 
which the reacting substances may come in contact with 
each other. The catalyst has the ability to hold (adsorb) 
a mono-molecular layer of one or more of the reactants on 
its surface. When the reactant is thus adsorbed, the field 
of force about the adsorbed reacting molecule is so changed 
that the molecule with which it is to react does not have to 
penetrate so deeply to cause reaction. More of the collisions 
are therefore effective, hence the speed of the reaction is in- 
creased. Finely-divided platinum is used as a catalyst for 
many reactions, among which are the oxidation of sulfur 
dioxide to sulfur trioxide (contact process of making sulfuric 
acid), the addition of hydrogen to unsaturated organic 
compounds (hydrogenation of cottonseed oil, for example), 
the oxidation of methanol to formaldehyde (2CH 3 OH + 0 2 
= 2CH 2 0 + 2H 2 0), the reaction between nitrogen and hy- 
drogen to form ammonia, the oxidation of carbon monoxide 
to carbon dioxide, and the reaction between hydrogen and 
oxygen to form water. Since the function of the platinum 
is to provide an active surface, the greater the surface area 
of the catalyst the greater is its effectiveness. The surface 
of the catalyst is increased by spreading the platinum over 
some other inert substance such as asbestos. This can be 
done by soaking asbestos in a solution of a platinum salt 
and then decomposing the salt by heat. For commercial 
practice a substitute for platinum is usually sought because 
of the high cost of the metal. 

Heterogeneous and Homogeneous Reactions. All reac- 
tions may be classified as either heterogeneous or homo- 
geneous. Those which take place at some surface are the 
heterogeneous reactions, examples of which were cited in 
the last section. In some cases the surface itself may be one 
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of the reactants. The rusting of iron, for example, is a 
heterogeneous reaction in which the surface of the iron re- 
acts with the oxygen. In this case one of the reactants is a 
gas and the other a solid. When manganese dioxide is 
placed in a solution of hydrogen peroxide, the latter sub- 
stance decomposes to give wrater and oxygen. The man- 
ganese dioxide acts as a catalyst and the reaction is a 
heterogeneous one. When copper sulfate solution reacts 
with zinc to give zinc sulfate solution, it is the copper ion 
in solution which is involved in the reaction with the zinc 
to give zinc ions and metallic copper. This reaction also is a 
heterogeneous one. 

Reactions which do not take place on a surface or at an 
interface between two different phases are called homo- 
geneous reactions. In homogeneous reactions all reactants 
are gases, liquids in the same solution, or solids dissolved in 
each other. In other words, for homogeneous reactions 
there is no boundary surface between the reactants nor do 
the reactants combine with each other on the surface of a 
catalyst. The burning of illuminating gas is an example of a 
homogeneous reaction. All the reactants, the gas and the 
oxygen of the air are gaseous (of the same phase) and the 
reaction does not take place on a surface. However, when 
| H| | H . this reaction takes place on a Welsbach mantel, the mantel 

acts as a catalyst and the reaction is then a heterogeneous 
one. When gaseous hydrogen reacts with gaseous iodine to 
form gaseous hydrogen iodide (equation 2), the reaction is a 
homogeneous one since all the constituents are confined to a 
single phase. 

Reactions Involving Ions. When a barium chloride solu- 
tion is added to a solution of sodium sulfate a precipitate of 
barium sulfate immediately forms. Barium ions and the 
sulfate ions must eventually attach themselves to the surface 
of the crystal in their regular places to form the crystal of 
barium sulfate. The crystal of barium sulfate grows by 
deposition on its surface and part of the reaction at least 
must be heterogeneous. 
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The formation of the crystal nucleus, that is, the attach- 
ment of the first ions to each other, is a different kind of a 
reaction. Perhaps that part of the reaction is a homogene- 
ous one. The phenomenon of supersaturation attests to the 
fact that this part of the reaction is different. In a super- 
saturated solution of sodium thiosulfate, for example, the 
rate of formation of crystal nuclei is so slow that crystalliza- 
tion cannot set in. If a crystal of solid sodium thiosulfate is 
added to such a solution, crystallization immediately occurs. 
In most ionic reactions, however, the rate of formation of 
crystal nuclei is very fast, as is the secondary crystallization. 

The neutralization of a solution of sodium hydroxide by a 
solution of hydrochloric acid is an example of a homogeneous 
ionic reaction. As was previously stated, this reaction in- 
volves the combination of the hydrogen and hydroxide ions 
to form water and is confined to a single phase. The ioniza- 
tion of any weak acid or weak base in water solution is a 
homogeneous reaction of the ionic type. 

Reversible Reactions. The formation of water by the 
combination of hydrogen with oxygen has previously been 
used to illustrate the different factors to be considered in an 
understanding of reaction velocity. It has been stated that 
these two elements react with each other almost completely 
at moderate temperatures. On the other hand, at 2000° C 
or above, an appreciable amount of steam is broken up into 
hydrogen and oxygen. Even at room temperature we may 
assume that some water vapor molecules dissociate into 
hydrogen and oxygen, but that the rate of dissociation and 
its extent are so small that the change cannot be detected. 
All reactions may be regarded as reversible. Often the 
amount of reversibility is so small that it cannot be de- 
termined by any known experimental method, but it would 
be contrary to our ideas concerning probability to suppose 
that any chemical reaction is absolutely irreversible. How- 
ever, when no detectable amount of reversibility is ever 
observed it is common practice to regard the reaction as 
'‘irreversible.” 
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When sodium reacts with water, hydrogen and a solution 
of sodium hydroxide are produced: 

2Na + 2H 2 0 = 2NaOH + H 2 (3) 

If the reverse process of passing hydrogen into a solution 
of sodium hydroxide is carried out, no detectable amount 
of sodium is produced, yet we may not say that not even a 
single atom of sodium is formed in such a process. If we 
were to be entirely practical, we would regard such a process 
as irreversible, yet from the standpoint of equilibrium, the 
subject we are to consider next, it will be very useful to 
regard every chemical reaction as having some tendency to 
reverse itself, however small that tendency may be. 

Chemical Equilibrium. The reaction 

2NH 3 = N 2 + 3H 2 (4) 

was previously used to show that there is a definite limit 
beyond which a reaction cannot proceed. At the time the 
example was given, it was not made apparent why the re- 
action stopped before completion, but it was by no means 
implied that the reaction suddenly comes to a standstill. 
The reason for the definite limit is that the NH 3 is simul- 
taneously being formed and finally a condition is reached in 
which the two opposing reactions proceed at the same rate. 
In this state of balance the amounts of NH 3 , N 2 and H 2 
present in the reaction mixture remain constant. 

This condition of equilibrium, which any chemical reac- 
tion can attain, can be likened to a horse running on a tread- 
mill which moves faster as the horse increases his speed. 
When the horse and the treadmill are in equilibrium, the 
horse is apparently stationary to an observer. If the horse 
runs faster, he advances a few feet, but the mill also moves 
faster and again he appears to be stationary. In the case in 
which the reaction just considered is in equilibrium the 
amount of NH 3 , N 2 and H 2 remains constant, yet like the 
horse and the treadmill the reactions proceed in opposite 
directions with the same speed. At equilibrium the forward 
and reverse reactions always proceed at the same rate. 
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If equivalent quantities of sulfur dioxide and oxygen are 
both contained in the same closed vessel and heated to 
about 800° C at 1 atmosphere pressure, approximately one- 
half of the sulfur dioxide is converted to the trioxide. On 
the other hand, if sulfur trioxide is heated to 800° C at one 
atmosphere pressure about 50% of it dissociates into sulfur 
dioxide and oxygen. At 800° C the rate at which sulfur 
trioxide is formed equals the rate at which it decomposes 
when the concentration of the sulfur dioxide is approximately 
equal to that of the sulfur trioxide. The sulfur dioxide, 
sulfur trioxide and oxygen are in equilibrium with each 
other. If the temperature of the mixture is changed, equi- 
librium will still be maintained, but the equilibrium concen- 
trations of the reacting substances will be different. 

The Law of Mass Action. The Law of Mass Action is a 
quantitative statement relating the velocity of a reaction 
to the concentrations of its reactants. To develop the 
quantitative notions of chemical equilibrium, that is, to 
understand the Law of Mass Action, we shall consider the 
hypothetical reaction 

A + B = C + D (5) 

In this reaction A molecules react with B molecules to form 
C and D molecules. For the A and B molecules to react it 
is necessary that they collide with each other. The number 
of molecules reacting in a given time will be proportional to 
the number of collisions between them. If the number of 
collisions between A and B molecules in one case were twice 
as great as that in another in a given time, then twice as 
many A and B molecules would react. To determine the 
dependence of the rate of the reaction upon the concentra- 
tions of A and B, it is only necessary to determine the 
manner in which the number of collisions between A and B 
molecules varies with their respective concentrations. To 
do this, consider a closed vessel containing only A and B 
molecules and for simplicity, suppose that there are only 
4 A molecules and 4 B molecules present in the vessel. Let 
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us determine the chan.ce that any A molecule will collide 
with a B molecule in a given time. We arbitrarily indicate 
the chance of collision by drawing lines between A and B 
molecules (Figure 18). Under the conditions we have 
chosen, the chance that any A molecule will collide with 
any B molecule is 16 (16 lines). Each A molecule has 




Figure IS 

4 chances of colliding with a B 
molecule and since there are 4 A 
molecules the total chance be- 
comes 4 x 4 or 16. It is obvious 
that collisions between like mole- 
cules are not to be included since 
they do not lead to reaction in 
this case. 

Now suppose the concentration 
of A molecules is doubled, that is, 
there are 8 A molecules and 4 B 
molecules in the same container (Figure 19). The chance 
that any A molecule will collide with any B molecule will 
now be 32 (4x8 lines). The number of A molecules in the 
second case is now twice that in the first and the chance for 
collision between the A and B molecules is doubled. With 
8 A molecules and 8 B molecules, the chance of collision is 
64 (8 X 8 lines). In general, the chance of collision will be 
equal to N a X N &, where N a and N b represent the number of 
A and B molecules respectively. 


Figure 19 
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In all of the above cases the size of the container was 
the same, so N a , expressed in proper units, is the concen- 
tration of A molecules, and N b the concentration of B 
molecules. The chance for collision between A and B mole- 
cules is then proportional to the ^ g 

product of the concentration of A and ^ 
of B molecules . But the rate of the 

reaction is directly proportional to A g 

the number of collisions. There- 
fore, the rate at which A molecules 

combine with B molecules is also A B 

proportional to the product of the 
concentrations of A and B, ^ 

Ratei ~ (A) x (B) (6) 

or Ratei = &i(A) X (B) * (7) 

where (A) and (B) represent the A 
concentrations of A and B respec- 

tively, and h is a proportionality ^ g 

Let us now consider the reverse 
reaction A x\ \\w^ g 

C + D -> A + B (8) 

By the same argument it can be iAA— AAAk g 
shown that the rate of this reaction A Fio-ure “>0 
is proportional to the product of 

the concentration of the C molecules and the concentration 
of the D molecules, that is, 

Rate. = Jfe*(C) X (D) (9) 

where (C) and (D) now represent the concentrations of C 
and D molecules and & 2 is a proportionality constant. 

When the system is in equilibrium both the reactions pro- 
ceed simultaneously, 

A + B = C + D (10) 

* See discussion of proportion and proportionality constants on page 479 
of the Appendix. 


Figure 20 
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and the rate in the forward direction is equal to the rate in 
the backward direction, 

Ratei = Rate 2 (11) 

or fa(A) x (B) = fa(C) X (D) (12) 

and h _ (O x (2» 

~ (A) x (B) (13) 

Since fa and fa are both constants, the ratio A is also a 
constant. ((7) x (D) 

(A) X (B) ~ ^ eq (14) 

K e q is known as the equilibrium constant for the reaction. 
This expression means that the concentrations of all four 
substances are so related that if the concentration of any- 
one is changed, the concentrations of the others must vary 
through a chemical reaction in such a way as to make the 
A A value of the expression 

# (C) x (J5) xl _ 

(A) x (B) tiie same ^ 

was originally. 

Let us now consider an- 
A other hypothetical case in 
which we have two mole- 
cules of the same kind re- 
acting with each other, for 
example, 


Figure 21 


■C +D 


Two molecules of A react with each other to form one mole- 
cule of C and one of D. This time we shall determine the 
chance of collision between any two A molecules. Suppose 
there are 6 A molecules in the enclosed vessel. Counting the 
chances as was done in the previous case we find that there 
are 15 (5+4+3+2 + 1 lines, Figure 21), that is, the 
first molecule to be considered has 5 chances of collision, the 
next molecule has 4 chances (not counting the same chance 
twice), the third molecule, 3 chances, etc. 
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If we double the number of A molecules (now 12), we find 
that the chance is 66 (11 + 10 + 9 + 8 + 7 +6+5+4 
4- 3 + 2 + 1 lines). In general, for A molecules the chance 
of collision will be (A - 1) + (A - 2) + (A - 3) + • • • 
+ 1. The mathematical formula for determining the sum 
of such a series of combinations is 


(A - 1 )A 
.2 


(16) 


Therefore, the number of collisions is proportional to 
(jV - 1) x A. A represents the number of molecules in 
the system. For all actual cases A is an exceedingly large 
number, so ( A - 1) may be considered equal to A, and 
(]y _ i) x A is practically equal to A 2 . When we recall 
that the lowest vacuum we can possibly obtain still contains 
billions of molecules per cubic centimeter, certainly one 
molecule more or less can make no appreciable difference, so 
we are quite justified in letting A - 1 equal A. Accordingly, 
we may say that the number of collisions in such a case is 
proportional to A 2 . But since A may be expressed as the 
concentration of the reacting substance, in this case A mole- 
cules, the number of collisions is proportional to the con- 
centration of A molecules squared. For this case, 

Ratei = h (A) 2 (17) 


The reverse reaction, 

C + D -> 2A (18) 


is similar to that already considered in the first case, and 
for this reaction it was shown that 


For equilibrium, 


Rate2 - ki(C) X (R) 
2A^±C + D 


and 

Consequently, 


Ratei = Rate 2 

h _ (C) X (£) = K 
h ~ (A) 2 


(19) 

( 20 ) 
( 21 ) 

( 22 ) 
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In this case it will be noted that the equilibrium expression 
involves the concentration of A to the second power. 

The two hypothetical cases considered are relatively sim- 
ple but more complicated reactions offer no special difficulty. 
Thus, for the equilibrium, 


2 A + B^±2C + D (23) 

we may think of the forward reaction as taking place in two 
steps, the first step resulting in the formation of some in- 
termediate compound, say A 2 , which in turns reacts with B : 

2 A -» A 2 (24) 

and A 2 + B -> 2(7 + D (25) 

The net result is the sum of equations (24) and (25), 

2A + B -*2C + D 


which is the forward reaction of (23). Therefore the rate 
of the forward reaction is proportional to (A) 2 x (B) or 

Rate x = ki{AY x ( B ) (26) 

In a similar manner the reverse reaction may be thought 
of as taking place in two steps, and 


Rate 2 = h{CY x (D) 
At equilibrium, where Ratej = Rate 2 , 

(cy x q>) _ 

(A ) 2 x ( B ) - ” 


( 27 ) 

(28) 


The same result could be obtained by assuming that 
some other intermediate compound, such as AB, is formed 
by the reaction 


OQ 

T 

cq 

+ 

w] 

(29) 

wdiich in turn reacts with A : 

AB + A -> 2C + D 

(30) 


In fact, it is not even necessary to assume the formation of 
any intermediate compound, but rather to consider the 
collisions between two A molecules and one B molecule 
simultaneously. In this case the rate in the forward direc- 
tion would be proportional to the number of B molecules 
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times the number of collisions between two A molecules. 
Since the number of collisions between two A molecules is 
proportional to (A) 2 , then the number of collisions between 
two A molecules and one B molecule will be proportional 
to (N a ) 2 X N h . By the same arguments used previously, 

Ratex = HA ) 2 x (B) (31) 

and the same result for the equilibrium expression could be 
obtained. 

In general, for the reaction 

nA + mB ^ ±pC -f- rD (32) 

where n, m, p and r are small whole numbers, the expression 
for the equilibrium constant will be 

_ (cy x (py 

eq (A) n x ( B) m { } 

Expressed in mathematical language this is a generalized 
statement of the Law of Mass Action or the Law of Chemical 
Equilibrium. 

In this expression it will be observed that the concentration 
of each reacting substance is raised to the same power as the 
coefficient of the respective term in the equation represent- 
ing the reaction. According to convention the concentra- 
tions of the substances in the numerator of this expression 
are for those substances on the right side of the equation as 
written (products of the forward reaction), and the concen- 
trations in the denominator are those for the substances on 
the left side of the equation (reactants). 

Factors Influencing Equilibrium. Since at equilibrium a 
chemical reaction is proceeding in the forward and back- 
ward directions with equal velocities, it might be expected 
that those factors, such as temperature and concentration, 
which affect the speed of any reaction might also affect the 
equilibrium; that is, it might be expected that these same 
factors mi ght change the balance between the two opposing 
reactions. To understand the problem more clearly, it 
might be advantageous again to consider the analogy be- 


64 VELOCITY AND EQUILIBRIUM 

tween a chemical system in equilibrium and the horse run- 
ning on a treadmill which increases its speed as the horse 
advances. If the horse, while running and apparently re- 
maining stationary with respect to some fixed point, is 
spurred forward by a whip, he increases his speed and ad- 
vances; but as he does so the speed of the treadmill also 
increases and again the horse comes to an apparently sta- 
tionary position. For the second time, the horse and tread- 
mill are in a state of equilibrium, but the horse has now 
occupied a position farther forward. If, on the other hand, 
a load is hitched to the horse he runs slower. Momentarily 
he shifts his position backward, but since the treadmill runs 
slower he soon assumes a new position of equilibrium. Dur- 
ing the short interval that the horse advances or falls back 
the position of equilibrium is shifted. 

In an analogous manner, the equilibrium position of a 
chemical reaction may be shifted, and it is common to speak 
of a shift in equilibrium to the right or to the left with 
reference to the chemical equation for the reaction taking 
place. Thus for the equilibrium between' sulfur dioxide, 
oxygen and sulfur trioxide as represented by the equation 

2S0 2 + 0 2 = 2S0 3 (34) 

all these substances are present in definite quantities and the 
reaction is proceeding in both directions. If now, by some 
influence, the equilibrium is shifted so that more sulfur 
trioxide is formed, we say that the equilibrium is shifted to 
the right. During the change from one equilibrium position 
to another the reaction proceeds momentarily faster from 
left to right than from right to left. The situation is an- 
alogous to the momentary shift in the position of the horse 
on the treadmill when he is spurred to a faster speed. With 
this explanatory introduction we may state the problem of 
this chapter more precisely. What factors shift the equi- 
librium of a chemical system of reacting substances? 

The Effect of Changing the Concentration. The equi- 
librium existing in a chemical system may be shifted by 
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increasing the speed of either the forward or backward 
reaction. In the hypothetical reaction 

A + B = C + D (35) 

the forward speed depends upon the product of the concen- 
trations of the A and B molecules while the speed of the 
backward reaction depends upon the product of the con- 
centrations of the C and D molecules. If, when the system 
is in equilibrium, an additional amount of A or B is added, 
the forward rate is increased because the concentration of 
the reacting molecules is increased. The forward rate will 
momentarily be greater than the reverse rate; the system is 
temporarily out of equilibrium and C and D molecules will 
be produced faster than they disappear. But as the con- 
centrations of C and D increase the reverse rate also increases 
until eventually it again becomes equal to the forward rate. 
A new state of equilibrium is attained. The addition of an 
extra amount of either A or B is like applying a whip to the 
horse on the treadmill. In the same manner that the horse 
moves forward, the equilibrium position shifts from left to 
right. In the second state of equilibrium the substances on 
the right side of the equation are present in greater concen- 
tration than originally. By increasing the concentration of 
either or both C and D the equilibrium can likewise be 
shifted to the left. 

The equilibrium may also be shifted to the right by removal 
of either C or D. In this case the reaction from right to left 
is momentarily retarded and the reaction from left to right 
proceeds faster than that from right to left until a new 
equilibrium condition is again reached. 

These same conclusions may be drawn by a consideration 
of the equilibrium constant. For the hypothetical reac- 
tion (35) 

(O x OP) _ K ^ 

(A) x (B) ~ eq {6b) 

If, when the system is in equilibrium, the concentration of A 
is increased, then momentarily the value of the above ex- 
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pression would be smaller than K C<1 . The system must then 
shift so as to make the expression equal to K, ki . When this 
is done (C) and (D) increase and (B) decreases. In other 
words, some B molecules react with some of the A molecules 
that were added to form more C and D molecules. 

In general, if the concentration of one of the substances 
appearing on the right side of the equation is increased, the 
equilibrium shifts from right to left and vice versa. If the 
concentration of one of the substances on the right side of 
the equation is decreased, the equilibrium shifts from left to 
right. 

The Rule of Le Chatelier. The effect of concentration on 
equilibrium, just discussed in the last section, is a special 
case of the general theorem known as the Rule of Le 
Chatelier. This rule states that, for a system already in 
equilibrium, any change in the factors which affect this 
equilibrium will cause the system to shift in such a way as 
to neutralize the effect of this change. 

The total pressure to which a system is subjected is often 
one of the factors affecting equilibrium. According to the 
Rule of Le Chatelier, if the total external pressure is in- 
creased, the system will change in such a way as to reduce 
this effect, that is, the equilibrium will shift so as to decrease 
the pressure. For a gaseous system, the shift will take place 
in such a way as to decrease the total number of molecules, 
for this would result in a smaller pressure. This effect of 
pressure may be illustrated by the reaction 

2N0 2 = N,0 4 (37) 

Consider the substances, represented by the formulae in this 
equation, to be in equilibrium and to be exerting a definite 
total pressure on the wall of the container. If the external 
pressure is increased, it will be momentarily balanced by 
the pressure exerted by the N 2 0 4 and the N0 2 . But by the 
Rule of Le Chatelier the system will change to a condition 
which will reduce the effect of the increased pressure. That 
is, the above equilibrium will shift in the direction of a fewer 
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number of molecules, for two NCb molecules are required to 
produce one N 2 0 4 . In other words, an increase in the ex- 
ternal pressure will shift the equilibrium to the right. Con- 
versely, a decrease in total pressure (by expansion) will shift 
the equilibrium from, right to left. 

In the system consisting of ice and water in equilibrium 
at 0° C as much ice melts as is formed. This is an example 
of a physical equilibrium but it may be treated in the same 
manner as a chemical equilibrium. Therefore we may write 

ice = water (38) 

If pressure only is now r applied to the system, -water in 
equilibrium with ice, the system will change in such a -way 
as to make the volume smaller, thereby reducing the pressure 
exerted on the sides of the container by its contents. Since 
water occupies a smaller volume than an equivalent amount 
of ice, some ice will melt as pressure is applied. However, as 
the ice melts it absorbs heat. The temperature will there- 
fore drop and a new state of equilibrium will be reached. 
The melting point of ice decreases with increased pressure. 

If a system of molecules in equilibrium in solution is di- 
luted, the equilibrium will shift in such a way as to decrease 
the effect of dilution; that is, it will shift so as to produce 
more molecules or particles. Acetic acid is a weak acid 
which in solution consists of acetic acid molecules in equilib- 
rium with its dissociation products, hydrogen ion and acetate 
ion, in accordance with the equation 

HC 2 H 3 0 2 = H+ + C 2 H 3 0 2 - (39) 

Dilution decreases the concentrations of all substances but 
this dilution effect will be counterbalanced by the production 
of more particles; that is, the above reaction will shift from 
left to right. Conversely, if the solution is concentrated by 
evaporation the above equilibrium will shift from right to 
left. 

The Effect of Temperature on Equilibrium. Let us now 
consider the effect on equilibrium of changing the tempera- 
ture. Increasing the temperature of a reacting system in 



68 VELOCITY AND EQUILIBRIUM 

equilibrium will increase the velocities of the reactions in 
both directions. If the forward and backward reactions 
were increased by exactly the same amount by an increase 
in temperature there would be no change in the position of 
equilibrium. Returning to the analogy of the horse on the 
treadmill, an increase in temperature is like increasing both 
the speed of the horse and the mill. If the speeds of both 
increase by exactly the same amount the horse will remain 
in an apparently stationary position. If, however, the speed 
of the horse is increased to a greater extent than that of the 
mill, the horse will move forward to a new equilibrium posi- 
tion. Likewise, if the speeds of the forward and backward 
reactions are not increased by the same amount, a shift in 
the equilibrium position will occur. 

The effect of temperature on equilibria can best be judged 
from the standpoint of the Rule of Le Chatelier. When 
any reaction proceeds in one direction, from right to left or 
vice versa, heat is either evolved or absorbed. Thus, when 
carbon monoxide reacts with oxygen to form carbon dioxide 
heat is evolved. This effect may be included in the equation 

2CO + 0 2 = 2 CO 2 + heat (40) 

If, when all these substances are in equilibrium, the tem- 
perature is increased or heat is applied, the equilibrium will 
shift in such a way as to absorb the heat; that is, the 
equilibrium will shift from right to left, for proceeding in 
this direction the reaction absorbs heat. At higher tempera- 
tures, then, more C0 2 is dissociated into CO and O 2 at 
equilibrium than at lower temperatures. 

While changing the concentration of one of the reactants 
and keeping the temperature constant shifts the equilibrium, 
it does not change the value of the equilibrium constant. 
The effect of temperature change, however, is to alter the 
value of the constant. The equilibrium expression for the 
reaction just considered is 

(C02) 2 ^ 

(C0) 2 (0 2 ) ~ eq 


( 41 ) 
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Ke q has a definite value for each temperature and it may be 
deduced that the higher the temperature the lower the value 
of the constant. (Lower values of K m correspond to a 
smaller concentration of C0 2 and a larger concentration of 
CO and 0 2 ). 

Catalysts Cannot Shift Equilibrium. While catalysts are 
used to increase the speed of a reaction, they cannot shift its 
equilibrium position. It can be demonstrated that a shift 
in chemical equilibrium by a catalyst would be equivalent to 
a perpetual motion machine. It would only be necessary to 
bring the catalyst alternately in and out of the reaction mix- 
ture. Knowing that perpetual motion is impossible, we must 
conclude that a catalyst cannot influence the equilibrium po- 
sition. The complete argument is one which falls into the 
scope of chemical thermodynamics and cannot be given here. 

If a catalyst can increase the velocity of a reaction but not 
affect its equilibrium it must follow that a catalyst which 
increases the speed of a forward reaction also increases the 
speed of. the reverse reaction by an equal amount. This 
deduction has been verified many times by experiment. 
Specially prepared iron, which is a good catalyst for the 
formation of ammonia from hydrogen and nitrogen is also 
a good catalyst for the decomposition of ammonia into its 
elements (the reverse of the formation reaction). 


QUESTIONS AND PROBLEMS 

1. Deduce from kinetic theory considerations that an increase 
in temperature will cause an increase in the velocity or rate of any 
given reaction. 

2. If the velocity of a reaction doubles for every ten degree 
rise in temperature, how much faster would the reaction proceed 
at 100° C than at 20° C? 

3. On the basis of the increase of reaction rate with increase of 
temperature explain why a mixture of hydrogen and oxygen ex- 
plodes when ignited. 

4. How much faster will the reaction, H 2 + Ij — * 2HI, proceed if 
the partial pressures of the H 2 and I 2 are two atmospheres each than 
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it will if their partial pressures are each one-half atmosphere (at 
the same temperature)? 

5. What are the two classes of catalysts? 

6. What is the distinction between a heterogeneous and a 
homogeneous reaction? 

7. Is the neutralization of an acid solution by a basic solution 
a heterogeneous or homogeneous reaction? 

8. W r hat is meant by the term “ irreversible reaction? ” 

9. If S0 2? 0 2 and SOs are in equilibrium, has all reaction 
stopped either in the forward or reverse direction? The equation is 

2SG2 + O2 = 2SO3 

Explain. 

10. Show that for equilibrium for the hypothetical reaction 
A + B = C + D 


the concentrations of A, B, C and D must satisfy the condition that 
(C) X (D) . 

7 TV v/ / ri\ is equal to a constant. 

[A) X yp) 

11. If 5 molecules of the same kind in a given container make 
on the average ten collisions with each other every second, how 
many collisions per second would occur if 15 molecules instead of 
5 were present? 

12. In the equation — - ^ = K, where K is a constant, let the 

values of a, b, c and d be 3, 4, 5 and 6 respectively. What is the 
value of Z? In each of the following cases determine the value of a, 
b, cord from the value of K obtained previously and from the 
values of the other three letters; i.e., fill in the blanks to make 
the value of K the same as that previously obtained. 



a 

b 

c 

d 

(1) 

3 

4 

10 


(2) 

3 

4 

20 


(3) 


4 

5 

3 

(4) 

. . 

4 

5 

12 

(5) 

3 


5 

12 

(6) 

3 


5 

24 

(7) 

6 

8 

5 


(8) 

12 

16 

5 
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13. Write the expression for the equilibrium constant for each 
of the following reactions: 

(1) HCN = H+ + CN- 

'(2) NH 4 OH = NHU + OH~ 

(3) H 2 S = 2H + + S— 

(4) Hg 2 ++ + 2Fe~ H ~ + = 2Fe ++ + 2Hg++ 

(5) C0 2 + H 2 = CO + HoO (gas) 

(6) 2N0 2 = 2NO + 0 2 

(7) 3H 2 + N 2 = 2NH 8 (gas) 

14. Consider the system represented by the equation 

N 2 4“ 3H 2 — 2NH3 *4* heat 
to be in equilibrium. 

(a) What will be the effect of adding more H 2 to the system? 
(Will the equilibrium shift to the right or left or remain sta- 
tionary?) 

(b) What will be the effect of adding more NH 3 ? 

(c) What will be the effect of increasing the total pressure? 

(d) What will be the effect of increasing the temperature? 

15. What is the Rule of Le Chatelier? 

16. Explain why a catalyst which accelerates the rate of a re- 
action in one direction must also accelerate the rate in the reverse 
direction. 

17. At 60° C the solubility of KNO3 is 110 grams per 100 grams 
of water, while at 20° C its solubility is 26 grams per 100 grams of 
water. Is heat liberated or absorbed when KN0 3 is dissolved? 

18. When NH4NO3 dissolves in water heat is absorbed. Is 
NH 4 NO 3 more or less soluble at high than at low temperatures? 


CHAPTER III 


EQUILIBRIA. INVOLVING WEAK ACIDS AND BASES 

In the previous chapter we considered a generalized treat- 
ment of the Law of Mass Action or the Law of Chemical 
Equilibrium, which for liquid systems can be applied only 
to solutions of relatively insoluble substances or to solutions 
of weak electrolytes. Although relatively few of the known 
substances belong to this latter class, the majority being 
either strong electrolytes or non-electrolytes, yet from the 
standpoint of chemical equilibrium the weak electrolytes 
are of the greatest importance and henceforth we shall deal 
to a very large extent with equilibria involving this class of 
compounds. 

Of all the weak electrolytes weak acids are the most im- 
portant, not only in the subject of qualitative analysis and 
in problems of a purely chemical nature but also in biological 
systems involving the blood, the tissue and cell materials, 
and the glandular secretions. In many systems it is highly 
important that not only the hydrogen ion concentration be 
controlled but that a source of hydrogen ions be at hand to 
replace those which may be used up. The molecules of weak 
acids act as such a source of hydrogen ions for, as we shall 
see, the Law of Mass Action demands that as hydrogen ions 
are removed by chemical reaction, more molecules must 
dissociate to replace the ions that may be consumed. 

The neutralization of both a strong and a weak acid by a 
solution of sodium hydroxide may be used to illustrate the 
action of a weak acid as a hydrogen ion reservoir. Hydro- 
chloric acid and acetic acid, CH 3 COOH, are typical ex- 
amples of strong and weak acids respectively. Hydrochloric 
acid in a 1 molar solution is completely dissociated and the 
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concentrations of the hydrogen ion and chloride ion are each 
1 molar. Acetic acid in a 1 molar solution, on the other 
hand, is dissociated only to the extent of about 0.43%, so 
the hydrogen ion concentration in this solution is only .0043 
molar. In spite of the difference in the hydrogen ion con- 
centrations in the two cases cited, equal quantities of these 
two solutions will require the same amount of sodium hy- 
droxide to neutralize them. When the sodium hydroxide 
solution is added to the solution of hydrochloric acid the 
reaction taking place is simply the combination of hydrogen 
ions and hydroxide ions of the acid and base respectively to 
form water, as represented by the equation 

H+ + OH- = H 2 0 (1) 

When sodium hydroxide is added to the solution of acetic 
acid we may regard the reaction as being made up of two 
steps or two parts. In the first place, we may regard the free 
hydrogen ions as combining with the hydroxide ions, the 
same reaction as with hydrochloric acid. As the hydrogen 
ions are removed, more acetic acid dissociates. 

CHaCOOH = H+ + CHaCOO- ( 2 ) 

This dissociation and combination proceeds until all the 
acetic acid molecules have been used up, and therefore the 
amount of sodium hydroxide required in the two cases will 
be the same. The over-all reaction for the neutralization of 
acetic acid by sodium hydroxide represents the summation 
of these two steps and is written 

CHaCOOH + OH- = CHaCOO- + H 2 0 (3) 

The acetic acid in solution consists principally of CHaCOOH 
molecules, and since it is these molecules which ultimately 
disappear during the course of the reaction, CH 3 COOH, 
and not H + as in equation (1), must appear on the left side 
of the equation. 

In later chapters we shall see how it is possible to calculate 
the hydrogen ion concentration after any given amount of 
sodium hydroxide has been added to the acetic acid solution. 
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Also, in a later chapter we shall briefly discuss the role of 
weak acids in controlling the hydrogen ion concentration 
in the blood. 

The Ionization of Weak Acids. To illustrate the applica- 
tion of the Law of Chemical Equilibrium to weak acids, let 
us consider again acetic acid and its ions in solution. The 
acetic acid molecules are in equilibrium with the hydrogen 
ions and acetate ions, which equilibrium may be expressed 
by the equation HAc . H * + Ac - (4) 


Applying the Law of Chemical Equilibrium to this case we 

c iji , Cone. ED x Cone. Ac~ , , 

nncl that Cone H 1 c equals a constant. In a more 


abbreviated form this is written 


(HQ(Ac-) _ 
(HAc) " ] 


(5) 


Iii is known as the Ionization Constant. In any Law of 
Mass Action expression the concentrations of the substances 
involved in the expression are given in terms of moles per 
liter, never as grams per liter or as grams per 100 ml. 

In a 0.1 molar solution of acetic acid the concentrations 
of the H+ and Ac~ ions are the same, and by experiment we 
know that their concentrations are each .00136 molar. The 
concentration of the undissociated acid must be 0.1 - .00136 
or .09864 molar, since the total of dissociated and undis- 
sociated acid must equal 0.1 molar. (Note that the amount 
of undissociated acid is 0.1 - .00136 and not 0.1 - 
2 X .00136, as a too hasty deduction might lead one to 
believe. Each molecule which dissociates produces one hy- 
drogen ion and one acetate ion. A concentration of .00136 
molar of either hydrogen ions or acetate ions in this case 
means that .00136 moles of acetic acid molecules are dis- 
sociated in one liter of solution.) The numerical value of 
the foregoing expression then becomes 


(H+)(Ac-) 

(HAc) 


.00136 X .00136 
.09864 


= .0000185 or 1.85 x 10~ 5 
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The value of K z at 25° C is then 1.85 X 10 -5 . At any other 
temperature acetic acid is not dissociated to the same extent. 
At 100° C, for example, the dissociation constant for acetic 
acid is 1.1 X 10~ 5 . In other words, the value of 1.85 X 10 -5 
holds for the temperature of 25° C only. However, at this 
temperature K has the same value for solutions other than 
0.1 molar. For a .01 molar solution, for example, the same 
value of K z is obtained. From this value of K z it is now pos- 
sible to calculate the concentrations of the H + and Ac - ions 
in any solution of acetic acid w'hich is not too concentrated. 

In a .01 molar solution of acetic acid the total amount of 
acetic acid, both dissociated and undissociated, contained 
in one liter is .01 mole. If we let X be the concentration of 
the H + ion, then the concentration of the Ac - ion is also X 
and the concentration of the undissociated acid is .01 - X. 
Then, 

. * - 1.85 X 10- 

(HAc) .01 - X 


In solving this equation for the value of X (the H + and 
Ac - concentrations), let us first assume that X is very small 
as compared with .01; so small that the amount of undis- 
sociated acid (.01 - X) is practically equal to .01. (. X can 
be neglected in such equations only when it is added to or 
subtracted from some other number much larger than X. 
It cannot be neglected in the numerator of the foregoing ex- 
pression.) The equation then simplifies to 


= 1.85 x 10- 5 

X 2 = 1.85 x 10- 7 = 18.5 X 10- 8 
X = 4.3 X 10~ 4 mole per liter 

The concentration of the H+ and Ac- ions is then calcu- 
lated to be 4.3 X 10" 4 molar. We may now inspect the 
original equation to see if we were justified in neglecting X 
in the denominator expression of .01 - X. (.01 - .000431 
= .009569.) This is almost equal to .01 and, for all practical 
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purposes, the neglecting of X in the original expression was 
thus justified. If, however, X were so large that it could 
not be neglected (say 10% of the value from which it is 
subtracted or to which it is added) then the equation must 
be solved by the general solution of the quadratic equation 
(see page 478 of the Appendix). 

In a 0.1 molar solution of acetic acid the concentration of 
the H+ ion is .00136 molar, while in a .01 molar solution 
we have just found it to be .000431 molar. The H+ ion 
concentration is smaller in the more dilute solution. How- 
ever, in the dilute solution a greater fraction of the total 
amount of acetic acid present is dissociated; 1.36% in the 
0.1 molar solution and 4.3% in the .01 molar solution. We 
would be led to expect such a condition by a consideration 
of the processes taking place to maintain equilibrium. In 
the more dilute solutions the H+ and Ac - ions are farther 
apart and do not collide as often. Therefore a larger fraction 
of the molecules must remain in the dissociated state. 

We can arrive at the same conclusion through an applica- 
tion of the Rule of Le Chatelier to this equilibrium (equa- 
tion 4). Let us assume that we have a 0.1 molar solution in 
which, according to our calculations, 1.36% of the total 
amount of acetic acid is in the form of H+ and Ac - ions. 
These ions and the remaining undissociated acetic acid mole- 
cules are in equilibrium with each other. Now let us add 
some water to the solution to make it more dilute. This 
imposes a stress upon the equilibrium which in turn shifts 
in such a way as to undo its effect. The original 0.1 molar 
solution contained a definite number of H + and Ac - ions 
but when water was added for dilution, temporarily the 
number of particles (ions plus molecules) per unit of volume 
became less than that originally present. To undo the effect 
of the stress (the dilution in this case) more acetic acid 
molecules dissociate to produce more ions, and since by 
dissociation one molecule produces two ions the net effect 
is to increase the total number of particles. The reaction 
proceeds in such a way as partially to undo the effect of 
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the dilution. The dissociation of the acetic acid does not 
continue until the concentration of the ions, expressed in 
moles per liter, is the same as in the original 0.1 molar solu- 
tion, since equilibrium is reached before dissociation has 
proceeded to such an extent. The removal of water from 
the solution would produce an opposite effect; H+ and Ac~ 
ions would combine to form acetic acid molecules. There 
would be a shift in the equilibrium to the left (equa- 
tion 4). 

The Common Ion Effect. From a consideration of the 
Rule of Le Chatelier we can predict that the effect of adding 
either H+ or Ac - ions to a solution of acetic acid will be to 
shift the equilibrium in such a way as to decrease the amount 
of acid dissociated, i.e., to increase the amount of undis- 
sociated acid. From the Law of Chemical Equilibrium, 
which in fact is a more concise and exact form of the Rule 
of Le Chatelier, it is possible to calculate the extent to which 
the equilibrium is shifted and to calculate the concentrations 
of the H+ and Ac - ions present when either of these ions 
has been added in some form other than acetic acid. For 
example, let us calculate the concentration of the H+ ion in 
a 0.1 molar solution of acetic acid when 0.1 mole of NaAc, 
sodium acetate, has been added to 1 liter of this same solu- 
tion. Sodium acetate is a salt, a strong electrolyte, and is 
completely dissociated in this solution as well as in a solu- 
tion made by adding it to pure water. The equilibrium is 
the s am e as that for the previous example except that the 
concentrations of the substances involved will be different. 
Let X equal the number of moles of HAc per liter which 
has dissociated. (In this case X will not have the same 
value as it would for a solution containing only HAc at this 
concentration.) The concentration of the undissociated acid 
is then 0.1 - X. The dissociation of X moles of HAc 
produces X moles of H+ ions and X moles of Ac - ions, but 
the concentration of the Ac - ion is not the same as that of 
the H+ ion. In this case it is 0.1 +X, since the sodium 
acetate supplies 0.1 mole of Ac- ions per litei and the 
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acetic acid supplies X moles per liter. The value of X, the 
H+ ion concentration, may now be calculated. 


(H+) (Ac-) 
(HAc) 


X(0.1 + X) 
(0.1 -X) 


= 1.85 X 10~ 5 


Again simplify the expression by considering X small as 
compared with 0.1. Then both 0.1 + X and 0.1 — X are 
practically equal to 0.1, and the equation becomes 


or 


Q0(0-1) 

( 0 . 1 ) 


1.85 X 10- 6 


X - 1.85 X 10- 5 


We see that X is small as compared with 0.1 and we were 
justified in neglecting it in those terms in which it was 
added to and subtracted from 0.1. 

The H+ ion concentration in the acetic acid solution con- 
taining sodium acetate was found to be 1.85 x 10~ 5 M. 
In the pure acetic acid solution the H+ ion concentration 
was 1.36 X 10-' M, about 75 times larger. The dissociation 
of the HAc molecules was repressed by the addition of the 
common ion. 

In the same way we could calculate the concentration of 
the Ac - ion in a HAc solution to which H+ ion has been 
added (as HC1, for example) and again we would find that 
under these conditions fewer HAc molecules dissociate. In 
other words, the addition of H+ ion shifts the equilibrium 
again to the left as shown in equation (4). 

The Law of Chemical Equilibrium Does Not Apply to 
Strong Acids. Hydrochloric and nitric are typical examples 
of strong acids. These electrolytes, like the majority of the 
salts, we regard as 100% ionized in solution. On the basis 
of the concept of complete ionization, the Law of Chemical 
Equilibrium cannot be applied, for in such a case the con- 
centration of the undissociated acid would be zero and the 
value of the equilibrium constant, infinity. In- a .01 molar 
solution of hydrochloric acid, for example, the concentrar 
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tions of the H+ and Cl - ions are both .01 molar and that of 
the undissociated HC1 molecules, zero. 

(H+)(C1~) .01 x .01 


(HC1) 


= infinity * 


The Mass Law expression applies only to systems of sub- 
stances in equilibrium, and if no undissociated molecules 
of HC1 exist, there can be no equilibrium involving this 
substance. However, HC1 molecules were once regarded as 
existing in dilute solutions. As we have previously shown, 
solutions of HC1 have a greater equivalent conductance the 
more dilute the solution. The fact that the more concen- 
trated solutions do not show as high an equivalent conduc- 
tance as the dilute solutions was regarded as evidence that 
there are relatively less ions present in the more concen- 
trated solutions; hence, undissociated molecules were be- 
lieved to exist. In a previous chapter it was shown that this 
decrease of conductance in the more concentrated solutions 
was due rather to a “drag-effect” (see page 21). 

Following the older views for the moment, we shall tenta- 
tively regard hydrochloric acid as only partially dissociated. 
From conductance data together with this assumption we can 
calculate the fractional number of apparently undissociated 
and dissociated HC1 molecules as well as the values for the 
apparent “dissociation constant” of hydrochloric acid at 
different concentrations. Table 3, page 80, gives the ap- 
parent “dissociation constants” of hydrochloric acid so cal- 
culated. 

Passing from 0.2 molar to .001 molar the value of the 
dissociation constant so calculated varies more than tenfold. 
The same trend in the value of the equilibrium constant 
with varying concentration is obtained in the case of all 
other strong electrolytes. If we now compare these values 
with those obtained for acetic acid, which obeys the Law of 
Mass Action, we note a striking difference in the behavior 
of the two acids (Table 4, page 80). 

* Any finite number divided by zero equals infinity. 
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TABLE 3 



Apparent Dissociation Constants of Hydrochloric Acid 
(Assuming Incomplete Ionization) 


Concentration K 

(Moles per Liter) 

_ (H+XC1-) 

(HC1) 

0.200 

1.56 

0.100 

1.05 

0.050 

0.73 

0.020 

0.45 

0.010 

0.32 

0.005 

0.23 

0.002 

0.15 

0.001 

0.12 

TABLE 4 

Dissociation Constants of 

Acetic Acid 


(Experimentally Determined from Conductance Data) 


Concentration 
(Moles per Liter) 

rr (H+)(A<r) 

(HAc) 

0.07369 

0.0000185 

0.03685 

0.0000186 

0.01842 

0.0000185 

0.00921 

0.0000186 

0.00461 

0.0000186 

0.00230 

0.0000186 

0.00115 

0.0000186 

0.00057 

0.0000186 


In the case of acetic acid the constant has the same 
value well within 1% for a large range of concentrations. 
The lack of conformity of the strong acids and other strong 
electrolytes to the Law of Chemical Equilibrium was one 
of the chief arguments for abandoning the theory of in- 
complete dissociation for these substances and for adopting, 
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instead, the theory of complete dissociation for all strong ! I 

electrolytes. I 

The Extent of Ionization of Weak Acids. Weak acids J| I 

differ considerably in their ability to ionize; the weaker I 

acid, by definition, has a smaller tendency to dissociate. j|| I 

The ionization constant of an acid is of course a quantita- I 

tive measure of this tendency. An acid with a very small 3 

constant has a small tendency to ionize while one with a m I 

relatively large constant ionizes to a larger extent. The 
following table shows a few typical weak acids together with 
their ionization constants at room temperature, and the per 
cent of ionization of their 0.1 molar aqueous solutions. Iff I 


TABLE 5 

Typical Weak Acids, Their Ionization Constants 
and Extent of Ionization 


Acid 

% Ionization of 0.1 
Molar Solution 

K (Ionization 
Constant) 

Bichloracetic 

52 

5.53 X 10- 2 

Salicylic 

10 

1.1 x 10- 3 

Nitrous 

6.5 

4.6 X 10~ 4 

Acetic 

1.36 

1.85 X 10- 5 

Hydrocyanic 

0.014 

2.1 X 10~ 9 

Phenol 

0.003 

1.0 x io- 10 


The extreme variation among weak acids in the ability to 
ionize is well illustrated by this table; the extent of ioniza- 
tion of their 0.1 molar solutions varies from 52% for di- 
chloracetic acid to .003% for phenol (carbolic acid). 

The question which naturally arises is: When is an acid 
to be regarded as a weak acid and when a strong acid? 
Arbitrarily, we may answer this question in a simple way. 
An acid may be regarded as belonging to the weak class if 
its dilute solutions obey the Law of Mass Action. Such 
acids as hydrochloric, sulfuric and nitric are without question 
to be regarded as strong acids (100% ionized). When we 
search further for the reason that some acids are weak and 
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some are strong, we find ourselves inquiring into the elec- 
tronic structures or make-up of the molecules in question. 
The problem is a very complicated one which involves not 
only the tendencies of the different molecules to hold fast 
their dissociable hydrogen ions but also the tendency of sur- 
rounding water molecules to hold the dissociation products 
(hydrogen ions and negative ions) and thus aid the dissocia- 
tion process. As v. e have pointed out before ions in solution 
do not exist independently in the condition indicated by 
their formulae but are surrounded by and attached, more or 
less firmly, to water molecules. 

All Substances in the Same Solution Must Be in Equilib- 
rium. When two or more weak acids, or in fact any weak 
electrolytes, are present in the same solution, they must all 
be in equilibrium with their respective ions. For example, 
if a solution contains both acetic and hydrocyanic acids, 
the following equilibria must be maintained: 

HAc = H+ + Ac~ (4) 

HCN = H+ + CN- (6) 

In this case the hydrogen ion is common to the two equilibria 
and since it exists in the same solution it must have only one 
concentration. The acetic acid ionizes to a larger extent 
than the hydrocyanic acid and produces more hydrogen 
ions, but this excess concentration of hydrogen ion represses 
the ionization of hydrocyanic acid and in this solution the 
latter is ionized to a smaller extent than it is when it exists 
alone in water solution. But the hydrocyanic acid also 
ionizes to a small extent to produce some hydrogen ions. 
For this reason the acetic acid is likewise ionized to a slightly 
smaller extent than it is in pure water. The common hy- 
drogen ion represses the ionization of both acids in such a 
mixed solution. The calculation of the concentration of 
the hydrogen ion in a mixed solution (0.1 molar with respect 
to both acetic acid and hydrocyanic acid) becomes slightly 
more complicated than the simpler case of one acid, due 
to the necessity of solving simultaneous equations. 
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WEAK BASES 

Some acids dissociate in two or more steps. Carbonic 
acid, H 2 CO 3 , is an example of this type. The first step of 
the dissociation of this acid results in the formation of the 
bicarbonate ion, HC0 3 - , and H+ ion in accordance with the 
equation 

H 2 C0 3 = H+ + HCO3- (7) 

The second step consists of the dissociation of the bi- 
carbonate ion: 

HC(V = H+ + CO3- ( 8 ) 

In any solution containing carbonic acid, both these acids 
(H2CO3 and HCO3-) are present and, like a mixed solution 
of acids, they are in complete equilibrium with each other 
and their common hydrogen ion. A fuller treatment of 
such acids will be considered in Chapter V. 

Weak Bases. Equilibria involving weak bases may be 
treated in the same manner as was done above in the case 
of weak acids with the exception, of course, that the bases 
dissociate to give hydroxide ions, OH - , in solution. 


TABLE 6 

Ionization Constants of Some Weak Bases 


Base 

% Ionization 
in 0.1 Molar 
Solution 

K (Ionization 
Constant) 

Methyl ammonium hydroxide 

7.0 

5.0 X 10- 4 

Ammonium hydroxide 

1.3 

1.8 X 10- 5 

Hydrazine hydroxide 

0.054 

3.0 X 10- 6 

Phenyl ammonium hydroxide 

0.0007 

4.6 X 10- 10 


The number of common weak bases is far smaller than 
that of the weak acids. The most common weak base is 
ammonium hydroxide, NH 4 OH. This base is about as weak 
a base as acetic acid is a weak acid; the ionization constants 
are practically the same for the two substances. A few 
examples of weak bases appear in the table above; others 
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together with their ionization constants are listed in the 
table on page 485 in the Appendix. 

Just as ammonium hydroxide is known only in solution 
and not in the pure state, so methyl ammonium hydroxide 
and phenyl ammonium hydroxide are known only in solution. 
In the pure state these substances are known as methyl 
amine, CH 3 NH 2 , and phenyl amine, C 6 H 6 NH 2 (aniline), re- 
spectively. They are the analogues of ammonia with one 
hydrogen atom replaced by a methyl or phenyl group, and 
like ammonia, NH S , they take up water in solution to form 
the hydroxide. 

Indicators. Certain natural and synthetic colored sub- 
stances have the property of either changing color or be- 
coming colorless in dilute solution when the hydrogen ion 
concentration in the solution attains a definite and fixed 
value. Phenolphthalein, for example, is a colorless sub- 
stance in any solution for which the hydrogen ion concentra- 
tion is greater than 10~ 9 mole per liter. In solutions for 
which the hydrogen ion concentration is less than this value 
the phenolphthalein imparts a red or pink color to the solu- 
tion. Methyl violet in solution is green when the hydrogen 
ion concentration is greater than 1CH mole per liter, blue 
for hydrogen ion concentrations of 1CH to 10~ 2 mole per 
liter and violet for solutions for which the hydrogen ion 
concentration is less than 10- 3 mole per liter. A great 
number of such substances are known and enough can be 
selected so that the hydrogen ion concentration can be 
determined somewhat roughly over a wide range of concen- 
tration. The accompanying table of indicators gives such 
a series, together with their colors for corresponding hydro- 
gen ion concentrations.* 

Litmus, one of the first knowm of the indicators, c hang es 
from blue to red when the hydrogen ion concentration be- 

In all water solutions there is a definite relationship between the hydrogen 
ion and hydroxide ion concentrations. This relationship, which becomes 
evident from a study of the first two rows of the table, is treated fully in 
Chapter VI on hydrolysis. 
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comes greater than 10~ 8 molar. The change is so gradual 
that it is not entirely red until the solution has a hydrogen 
ion concentration greater than 10 _o molar. Accordingly, 
litmus is a poor indicator for determining the hydrogen ion 
concentration of a solution. 

In determining the hydrogen ion concentration of any 
solution, a number of indicators must be used and by a 
process of elimination the hydrogen ion concentration can 
be fixed within rather narrow limits. For finer work the 
color of the indicator in the unknown solution should be 
compared with its color in some solution for which the 
hydrogen ion concentration is known. Such solutions can 
be made by mixing known quantities of acids and their 
salts for which the hydrogen ion concentrations have been 
determined by other methods. The usual method of origi- 
nally determining the hydrogen ion concentration of a 
standard solution employs the hydrogen electrode. This 
method cannot be discussed in this course. It is usually 
treated more fully in courses in quantitative analysis and in 
physical chemistry. 

Several theories have been proposed to account for the 
change in color of indicators with hydrogen ion concentra- 
tion. The most accepted and most applicable theory con- 
siders the indicator to exist in two different structural 
forms. These two forms are in equilibrium with each other 
and with hydrogen ions. When the hydrogen ion concen- 
tration is sufficiently great one form predominates, and at 
smaller hydrogen ion concentrations the other form is pre- 
dominant. In general, the indicator equilibrium may be 
represented by the equation 

Color I + H+ = Color II (9) 

Applying the Law of Mass Action to this equilibrium, we 
see that an increase in the hydrogen ion concentration will 
cause color II to predominate and vice versa. 

pH Values. For convenience the hydrogen ion concentra- 
tion is often expressed in terms of pH values. The pH 
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pK VALUES 


value of a solution is defined as the logarithm of the reciprocal 
of the hydrogen ion concentration. In other words, 

pH = log (10) 

The pH value of a solution for which the hydrogen ion 
concentration is 10 -4 M, for example, is 4; the pH for a 
solution whose hydrogen ion concentration is 10 -9 M is 9, 
etc. For a fuller treatment of this quantity the student is 
referred to the paragraphs on exponential numbers, loga- 
rithms and pH values in the Appendix. 

pK Values. Just as it is often convenient to express the 
hydrogen ion concentration by pH values, it may also be 
desirable in some cases to express equilibrium constants by 
pK values. The pK for any equilibrium is defined as the 
logarithm, to the base 10, of the reciprocal of the equilib- 
rium constant. 

pK = log (11) 

-tleq 

Since log jt— = - log K cq 

pK = - log K c q 

Thus, for example, the pK for the equilibrium 
HAc = H+ + Ac~ 

is equal to - log K x . The equilibrium constant for this 
reaction is equal to 1.85 X 10 -5 . Therefore log K x = log 1.85 
+ log 10- 6 = 0.27 - 5 = - 4.73; pK = - (- 4.73) = 4.73. 

The equilibrium constants given in the tables (pages 484- 
488) in the Appendix are expressed in two ways. In the 
last column the value of the constant is given as a purely 
exponential number. The pK is the negative value of the 
exponent of this exponential number. The equilibrium 
constant for HCN, for example, is 10~ 8 - 7 . The pK value 
for HCN is therefore 8.7. 

Any equilibrium constant can be expressed in this manner. 

The Br0nsted Definitions of Acids and Bases. In the 
Br0nsted system, acids and bases are defined in broader and 
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more general terms than was commonly done in the past. 
The older established definitions restricted an acid to a sub- 
stance producing hydrogen ions, and a base to a substance 
producing hydroxide ions in water solution. But it is well 
recognized that many substances other than hydroxides 
behave like bases in that they produce basic solutions and 
react w T ith acids; sodium carbonate for example. Further- 
more when solvents other than w T at,er are taken into con- 
sideration the number of substances which act like hy- 
droxides in water solution increases greatly. The Brpnsted 
definitions are so general that they include as bases all 
substances which combine with hydrogen ions not only in 
water solution but in all solvents. The definition of an acid 
is not greatly different from that previously used. 

An acid is defined as any substance in ionic or molecular 
form, which produces or donates protons ( H + ), while a base 
is any substance which accepts or acquires protons. We shall 
consider these definitions from the standpoint of the equi- 
librium existing between the proton donor and the proton 
acceptor, i.e., between the acid and the base. Since the 
equilibrium reactions are reversible neither an acid nor a 
base are considered separately; when an acid dissociates or 
transfers protons it produces a base and when a base accepts 
protons an acid is formed. This perhaps may be better 
expressed by the equation 

Acid = H+ + Base (12) 

The acid produces protons (left to right) and the base 
acquires protons (right to left). 

Since our consideration of acids and bases is to be re- 
stricted very largely to water solutions, let us consider the 
equilibrium existing between the proton, water, and the 
hydronium ion. This relationship is expressed by the equa- 
tion 

H 3 0+ = H+ + H 2 0 (13) 

Here H 3 0+, hydronium ion, is the acid (proton donor) and 
H 2 0 is the base (proton acceptor). This equilibrium is con- 
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sidered as being very largely in favor of H 3 0+, i.e., the 
concentration of free protons is very small indeed; almost 
all of them are attached to water molecules. Accordingly, 
the hydrogen ion in solution is symbolized by H s O + and 
not by H + . In the older established definitions all forms 
of the hydrogen ion, H + , H 3 0 + and higher hydrates are 
represented as a group by the symbol H+ and the equilib- 
rium as expressed in equation (13) is never considered ex- 
plicitly because it is recognized that the protons exist very 
largely in the hydrated form. 

According to these definitions the ammonium ion is an 

aCld ' NH 4 + = H+ + NH 3 (14) 

In this case ammonia, NH 3 , is the base. However, if this 
reaction takes place in water solution the protons formed 
attach themselves to water molecules to form hydronium 
ions and the complete reaction is 

NH 4 + + H 2 0 = H 3 0+ + NH 3 (15) 

Acidi Base 2 Acid 2 Basei 


In effect the proton is merely transferred from the NH 4 + 
ion to the water molecule and vice versa. The NH 4 + and 
the H 3 0 + ions are acids and H 2 0 and NH 3 are bases. The 
process is that of neutralization, with the salt formation not 
emphasized by the equation representing it. In this re- 
action, the two bases NH 3 and H 2 0 are competing for 
protons, with the NH 3 having the greater tendency to ac- 
quire them. 

Water itself may act as an acid as well as a base. 

H 2 0 = H+ + OH- (16) 


In this case water is the acid molecule and the OH - ion is 
the base. Again, this does not represent the complete re- 
action for according to reaction (13) the protons combine 
with water molecules. The reaction is rather represented 
by the equation 


H 2 0 + H 2 0 = 





| 

I 1 

•; I 
2 

I 

' I 

A 1 

I 

Li' I 


M 1 
II 



H 3 0+ + OH- 

Acid 2 Basei 


( 17 ) 
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In the complete reaction water acts both as an acid and as 
a base. It should be borne in mind that the OH ion is also 
hydrated but this hydration is not expressed in the formula. 
Hydration or combination with water is only expressed in 
the formulae for the hydrogen ion and for amphoteric sub- 
stances some of which will be considered in a later chapter. 

The fact that HC1 in the pure state is virtually a non- 
conductor while its water solution shows a high conduc- 
tivity is not as easily expressed in terms of the established 
definitions as it is with the newer definitions. Pure HC1, a 
liquid with a boiling point of - 83° C., dissociates into 
protons and chloride ions. The equation for this equilib- 
rium is HC1 = H+ + Cl" (18) 

Both the proton and the chloride ion are probably “sol- 
vated,” i.e., joined to HC1 molecules. In fact we might 
reason by analogy that the formula of the hydrogen ion is 
really H 2 C1 + . On the basis of the Brpnsted definitions we 
then can write the reaction as 

HC1 + HC1 = H 2 C1+ + Cl- (19) 

Acidi Base 2 Acid 2 Basei 

The reaction which takes place when pure HC1 is added 
to water may be represented by 

HC1 + H 2 0 = H 3 0+ + Cl- (20) 

Acid! Base 2 Acids Basei 

In this case the hydrogen ion is present as H 3 0 + while in 
pure HC1 it is present as H 2 C1 + . The Cl - ions are also dif- 
ferent in the two cases but the difference is not indicated 
in the formula. It is apparent that HC1 in the pure state 
and HC1 in water solution are different but there is no 
a priori reason based on these definitions alone which tells 
us that the conductivity is very low in pure HC1, i.e., that 
the equilibrium in equation (19) lies largely in the direction 
of undissociated HC1, while in water it lies in the direction 
of the dissociated form (to the right in equation 20). By 
the older definitions both cases are represented by equation 
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(18); the difference between the two cases is implied and 
left more to the imagination or to the visualization of the 
experimental conditions. 

Systems such as those expressed by equation (20) are 
known as conjugated acid-base systems. Basei is the base 
of Acidi and Base 2 is the base of Acid 2 . A weak acid such 
as HAc in water solution, as indicated in the following 
equation, is also a part of a conjugated acid-base equilib- 
rium system. 

HAc + H 2 0 = H 3 0+ + Ac- (21) 

Acidi Base2 Acid 2 Basei 

The new base indicated here is the Ac - ion. It conforms 
in its properties with the definition of a base, that is, it 
shows a tendency to combine with the proton to produce 
the HAc molecule. 

An acid which has a great tendency to donate protons 
is known as a strong acid while a base which has a great 
tendency to accept protons is a strong base. Acetate ion 
is a strong base and acetic acid is therefore a weak acid. 
Chloride ion in water solution is a very weak base; in fact 
it is so weak that in dilute solution it is no base at all, and 
therefore HC1 in water solution is a very strong acid. In 
pure HC1, however, chloride ion is a strong base and HC1 
is a weak acid. 

The ionization of a number of acids in water solution 
may be represented by the following equations. The order 
is given in decreasing strength of the acid. 


Acidi 


Base 2 

Acid 2 


Basei 


HS0 4 - 

+ 

h 2 o = 

h 3 o+ 

+ 

so 4 — 

(22) 

h 3 po 4 

+ 

h 2 o = 

h 3 o+ 

+ 

h 2 po 4 - 

(23) 

hno 2 

+ 

h 2 o = 

h 3 o+ 

+ 

no 2 - 

(24) 

HCNO 

+ 

h 2 o = 

h 3 o+ 

+ 

CNO- 

(25) 

h 2 co 3 

+ 

h 2 o = 

H s O+ 

+ 

hco 3 - 

(26) 

h 2 s 

+ 

h 2 o = 

H 3 0+ 

+ 

HS- 

(27) 

h 2 po 4 - 

+ 

h 2 o = 

h 3 o+ 

+ 

hpo 4 — 

(28) 

HCN 

+ 

h 2 o = 

h 3 o+ 

+ 

CN- 

(29) 
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Acidi 


Base 2 

Acid 2 


Basei 


HCO 3 - 

+ 

h 2 o = 

h 3 o+ 

+ 

co,— 

(30) 

hpo 4 — 

+ 

h 2 o = 

h 3 o+ 

+ 

po 4 — 

(31) 

HS" 

+ 

h 2 o = 

h 3 o+ 

+ 

s— 

(32) 


For strong acids, all of which are practically completely 
ionized in water solution, the following examples are cited. 


Acidi 


Base 2 

Acid 2 


Basei 


H 2 SO 4 

+ 

h 2 o = 

h 3 o+ 

+ 

Hsor 

(33) 

hno 3 

+ 

h 2 o = 

h 3 o+ 

+ 

no 3 - 

(34) 

HCl 

+ 

h 2 o = 

h 3 o+ 

+ 

ci- 

(35) 


All of the anions designated as Basei are to be regarded 
as bases. These are merely representative of a much larger 
number of anions which behave as bases in that they all 
show a tendency to acquire the proton. Of this group of 
anions, the HS 0 4 _ , NQ 3 ~, and Cl - ions certainly show little 
if any tendency to acquire the proton. According to the 
older definitions we have already classified the correspond- 
ing acids, H2SO4, HNO3, and HC1 as strong and 100% 
ionized. How then can the anions of these acids be called 
bases? In water solution these acids are practically com- 
pletely ionized, but in the pure state as liquids these acids 
show very little ionization. If we consider the reaction of 
Cl~ ion with the hydronium ion to form HC1 gas or liquid, 
then there is some justification for calling the Cl - ion a 
base. 

Returning to equation (21), we may write the equilibrium 
expression as 

(H 3 Q + ) (Ac~) _ B 

(HAc) (H 2 0) ~ eq {6b) 


The concentration of the water in the denominator remains 
practically constant during the course of any reaction since 
the water is either produced or consumed in amounts which 
are negligible compared to the total amount of water pres- 
ent. We may consider this value as constant and include 
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it in the value for the equilibrium constant. It is there- 
fore omitted from the expression which may now be written 


(H 3 0+)(Ac~) 

(HAc) 


= K x = 1.85 x 10- 5 


(37) 


The symbol for the hydronium ion, H 3 0 + , is merely a 
symbol for expressing the same particle in solution as is 
denoted by the simpler symbol, H + . We may use any sym- 
bols we choose for designating particles in solution, but it 
is evident that the value for the equilibrium constant is 
independent of our method of naming the particles par- 
ticipating in the equilibrium. Accordingly, K B of equation 
(37) has the same value as that given in the older estab- 
lished system, namely, 1.85 X 10~ 5 . 

On the basis of the older definitions we have termed 
NH4OH a weak base since it ionizes only slightly to produce 
NH 4 + and OH~ ions. The equilibrium in solution is one 
which involves all three particles, the NH,+ and OH- ions, 
and NH4OH molecules. When NH 3 gas is passed into water 
the following equilibria are considered. 

NH, + H 2 0 = NH4OH = NH 4 + + OH- (38) 

Whether NH 4 OH molecules actually exist in solution we 
do not know, and as a matter of fact it makes no difference 
whether we consider the solution as one composed of NH 3 
molecules, NH 4 OH molecules, or both, since the equilibria 
are independent of our method of naming the particles. 

Suppose we omit the intermediate NH 4 OH molecule from 
our equation. We then have 

NH 3 + H 2 0 = NH 4 + + OH- (39) 

Basei Acid 2 Aeidi Base 2 


In applying our definitions of acids and bases, we see the 
NH 3 is a base since it combines with the proton to give 
NH 4 + ion. This reaction can be considered as taking place 
in two steps, as can the other similar foregoing reactions. 

H 2 0 = H+ + OH- (40) 



and 


NHa + H+ = NH 4 + 


(41) 
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The H 2 0 gives up H+ ions which are then taken up by the 
NH 3 molecules. By adding equations (40) and (41), equa- 
tion (39) is obtained. 

The equilibrium expression for equation (39) is 

(NH -‘7i° H ~ -- = K e » = 1.8 X 10- 5 (42) 

(NHs) 

This expression is the same as we obtain when the ammonia 
in water is considered to be ammonium hydroxide, NH 4 OH. 
The two substances, NH 3 and NH 4 OH, are one and the 
same ; different symbols are used to designate them. 

In equation (39) the reaction is one in which the two bases 
NH 3 and OH" ion are competing with each other for the 
proton. At equilibrium the reaction will predominate either 
to the left or to the right depending upon whether the OH~ 
ion or the NH 3 molecule is the stronger base, that is, whether 
the OH - ion or the ammonia molecule holds the proton 
more firmly. 

On the basis of the proton transfer concept of acids and 
bases, it is apparent that the term “salt” is of little sig- 
nificance, since the ions of most salts may be considered 
either as acids or bases. These ions will either lose protons 
or acquire protons, and these two processes are all that is 
essential to conform to the definitions of acids and bases. 
Practically all negative ions may be considered as bases 
since they combine with protons. Many positive ions are 
acids in that they will give up protons but, on the other 
hand, most positive ions do not show this tendency to any 
marked degree. If a metallic ion is to be regarded as an 
acid it is apparent that its formula must include protons 
which it can donate. Therefore for this purpose the symbol 
for the hydrated form of the ion is used. Such cases will 
be presented later. 

In the following chapters of this text we shall retain the 
established definitions of acids and bases, except in those 
sections in which we deal explicitly with the Br0nsted defini- 
tions. 


EXAMPLES OF PROBLEMS 
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EXAMPLES OF PROBLEMS 

Example 1 . 

Calculate the (H+) in a 0.1 molar HCNO solution. What is the 
degree of ionization of cyanic acid in this same solution? K\ = 
2 X 10 -4 . 

HCNO = H+ + CNO- 


The concentration (0.1 molar) given for HCNO is that for the 
total HCNO in solution, both dissociated and undissociated. 

Let (H+) = X 

(CNO - ) must also be X in this case, for as many CNO - as H+ ions 
are formed by the dissociation process. 


(HCNO) = 0.1 - X 

Substituting these values in the equilibrium expression, we have 


(H+XCNO-) _ X 2 _ 

(HCNO) 0.1 - X 


2 X 10 -4 


By inspection of this equation we see that X is relatively small 
as compared with 0.1, therefore for all practical purposes 


0.1 - X - 0.1 


Then 




X 2 = 2 X 10- 5 = 20 X 10 -6 
X = 4.5 X 10 -3 

X = .0045 mole per liter = (H+) = (CNO - ) 


From the value of X so obtained we can readily see that we 
were justified in neglecting X as compared with 0.1, for 
0.1 - .0045 = .0955, which is near enough to 0.1 that, for the 
purpose of our expected accuracy, it may be neglected. If we 
solve the equation 


X 2 

0.1 - X 


= 2 X 10 -4 


by the use of the quadratic solution (see Appendix), we obtain a 
value for X of .0044 mole per liter. This again shows the justifica- 
tion for the simple solution. 
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The degree of ionization is the fractional number of molecules 
dissociated, or the amount per liter of the dissociated weak elec- 
trolyte divided by the total concentration (both dissociated and 
undissociated). Since, in this particular example, the concentra- 
tion of H + and CNO - is 4.5 X 10 -3 mole per liter, the amount 
of the dissociated HCNO has this same value, for 4.5 X 10 -3 
mole of HCNO gives 4.5 X 10 -3 mole of H+ and 4.5 X ICO 3 mole 
of CNO - upon dissociation. 

4.5 X 10- 3 . . „ , _ 

-2 or 4.5% 


Degree of dissociation = 


0.1 


= 4.5 X 10- 


Exatnple 2. 

In a 0.1 molar solution of a hypothetical acid, HA, the degree 
of dissociation is .025. Calculate the ionization constant for the 
acid HA. 

HA = H+ + A~ 


.025 = 


Concentration of dissociated HA 


, (H±) 

0.1 


Total HA 


(H+) = 0.1 X .025 = .0025 = (A") 

(H + )(A-) 

(HA) 

2.5 X 10- 3 X 2.5 X 10- 3 


The ionization constant = 


.0975 

Ki = 6.4 X 10 -5 

Example 8. 

(a) What is the concentration of the H^ in a solution containing 
0.1 mole per liter HCNO and 0.1 mole NaCNO per liter? 

HCNO = H+ + CNO - 

NaCNO is completely ionized, so it contributes 0.1 mole CNO - 
per liter. Let X equal the number of moles per liter of HCNO 
dissociated, which also equals (H+). (CNO - ) will be 0.1 + X and 
the (HCNO) undissociated, 0.1 - X. 


Ki = 2 X 10 -4 = 


(H+XCNO - ) 
(HCNO) 
X(0.1 + X) 
(0.1 - X) 
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Neglecting X in comparison with 0.1, we have 

(0.1 + X) = 0.1 
(0.1 - X) = 0.1 

Then = 2X 10 -4 

X = 2 X 10 -4 mole per liter = (H + ) 

(b) What is the degree of ionization of the HCNO in this 
solution? 

The degree of ionization is the fractional number of molecules 
ionized. This is equivalent to the concentration of the hydrogen 
ion divided by the total concentration of HCNO present, both in 
the form of ions and unionized molecules. 

(H+) 2 X 10 -4 AAO 

Degree of ionization = q ^ ^ — = .Ouz 

The per cent of ionization = .002 X 100 = 0.2 

Thus, 0.2% of the HCNO is present in solution as H + and 
CNO - ions. 


Example 4- 

If 100 ml. of 0.1 M NH 4 C1 solution are added to 150 ml. of 
0.1 M NH4OH solution, what is the OH" ion concentration in 
the resulting solution? Ki(NH 4 OH) = 1.8 X 10 -5 . 

The concentration of the NH 4 + ion is the same as it would be if 
the 100 ml. of 0.1 M NH 4 C1 solution were diluted to 250 ml. by add- 
ing water, so the (NH 4 + ) from the NH 4 C1 = 0.1 X = -04 
The concentration of the NH 4 OH is the same as it would be if 
the 150 ml. of 0.1 M NH 4 OH solution were diluted to 250 ml. by 
water, so the total NH 4 OH concentration is 0.1 X = .06 M. 
Substances in solution : NH4OH = NH 4 + + OH - 

Concentrations: .06 — X .04 + X X 


(NH 4 +)(OH - ) _ ( .04 + X)X 
(NH4OH) (.06 - X) 


= 1.8 X 10 -5 


Neglecting X as compared with .04 and .06, 

(.04)X 
(.06) 

I = — X 1.8 X 10 -6 = 2.7 X 10 -5 M 
.04 


= 1.8 X 10 -5 


i.e., (OH - ) = 2.7 X 10 -6 M 
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1.85 X 10- 


X 1.85 X 10- 


Example 5. 

If 0.1 mole solid NaOH is added to 1 liter of 0.125 M HAc 
solution, what is the final H + concentration? (Assume no volume 
change.) 

0.1 mole NaOH neutralizes 0.1 mole HAc to form 0.1 mole 
NaAc and leaves .025 mole HAc not neutralized in the one liter. 
The solution now is 0.1 M with respect to NaAc and .025 M with 
respect to HAc. 

Substances in solution : HAc = H + + Ac - 

Concentrations: .025 — X X 0.1 + X 

(H + )(Ac~) _ X(0.1 + X) _ . „ 1f) _ 5 

(HAc) " (.025 - X) 85 X 10 
Neglecting X as compared with 0.1 and with .025, 

fm ' 185 x 10_ ‘ 

X = X 1.85 X 10- 6 

X = 0.46 X 10~ 5 = 4.6 X 10-s M i.e., (H+) = 4.6 X 10~« M 
Example 6. 

100 ml. of 0.1 M NaOH is added to 150 ml. 0.2 M HAc. Cal- 
culate the final H + concentration. 

Before reaction, 100 ml. 0.1 M NaOH contains .01 mole NaOH. 

Before reaction, 150 ml. 0.2 M HAc contains .03 mole HAc. 

.01 mole NaOH neutralizes .01 mole HAc, producing .01 mole 
NaAc in solution and leaving .02 mole HAc not neutralized. 

After reaction, the .01 mole NaAc and .02 mole HAc are con- 
tained in 250 ml. solution, so the concentrations are .04 M and 
.08 M respectively. 

Substances in solution: HAc = H + + Ac~ 

Concentrations: .08 — X X .04 + X 

(H + )(Ac~) X(,04 + X) 

(HAc) “ (.08 - X) ~ ^ X 10 
Neglecting the X’s in the terms (.04 + X) and (.08 - X), 

w - t8s x 10_ ‘ 

X = X 1.85 X 10- 6 
(.04) 

X = (H+) = 3.7 X 10- 6 M 


1.85 X 10- 5 


1.85 X 10- 6 


X 1.85 X 10- 6 
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Example 7. 

Calculate the pH for a .01 M HCN solution. 

E(hcn) = 2.1 X 10~ 9 
First calculate the (H + ). 

Substances in solution: HCN = H+ + 

Concentrations: .01 — X X 

(H+)(CN-) X 2 

(HCN) " .01 - X 
Neglecting X in the denominator, 

X 2 


= 2.1 X 10- 9 


.01 


= 2.1 X 10- 


CN- 

X 


X 2 = 2.1 X 10- 11 = 21 X 10- 12 
X = 4.6 X 10- 6 M = (H+) 

?>H = log = - log (H+) 

log (H+) = log (4.6 X 10- 6 ) = log 4.6 + log 10~« 
log 4.6 = .66 
log 10- 6 = - 6 

log (H+) = log (4.6 X lO" 6 ) = .66 - 6 = - 5.34 
pH = - log (H+) = - (- 5.34) = 5.34 
(See also page 475 in the Appendix.) 


Example 8. 

The pH of a solution is 6.38. What is the concentration of the 
hydrogen ion in this solution? 

pH = - log (H+) = 6.38 = - (- 6.38) 
log (H+) = - 6.38 = - 6.00 + (- 0.38) 
log (H+) = - 7.00 + 0.62 
antilog of — 7 = 10 -7 
antilog 0.62 = 4.17 

(H+) = 4.17 X 10- 7 M 

Example 9. 

What is the concentration of a HCN solution which is 0.2% 
ionized? 

HCN = H+ + CN- 





m 



> where C is the total 
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(H+) 

Let 7 = the degree of ionization = —g— 

HCN concentration. Therefore 
(H+) = C X 7 
(CN-) = (H+) = C X 7 
(HCN) = <7(1 - 7) 

(HU(CN-) 

(HCN) 


Kr = 2.1 X 10- 


Cy X C 7 C 2 7 2 _ Cy- _ 0 w 9 

" co^r) " - 2<1 x 10 

C X (.002 ) 2 C X 4 X 10- 


1 - .002 


0.998 


2.1 X 10- 


2.1 X lCr 9 X 0.998 


= 5.24 X 10 -4 M HCN 


4 X 10- 

Exam-ple 10. 

A 0.2 M HCN solution is found to have a (H+) of 1 X 10~ 6 M. 
Calculate the (CN _ ) necessary to maintain this (H + ). 

HCN = H+ + CN- 
(H+)(CN-) 


(HCN) 


= Kr = 2.1 X 10 - 9 


At equilibrium, the (HCN) has a value of 0.2 - .000001 or 0.2 M, 
while the (H+) is maintained at 1 X 10 -6 M. Then 

(H + )(CN~) _ 1X10-XCN-) _ 91 v in _ 9 
(HCN) 0.2 ~ X 1U 

(CN~) = °' 2 j ^ = 4.2 X HU 4 M 


QUESTIONS AND PROBLEMS * 

1. Will 0.1 mole of a weak acid in solution require more, less or 
the same amount of sodium hydroxide solution to neutralize it as 
0.1 mole of a strong acid? Explain. 

2. Is the percentage of molecules of HAc which are dissociated 
in a .001 M solution smaller, greater or the same as in a .01 M 
solution? 


* Values for dissociation constants are given on pages 484 and 485 . 
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QUESTIONS AND PROBLEMS 101 

3. Considering HAc and its ions to be in a state of equilbrium, 

HAc = H+ + Ac - 

how can this equilibrium be shifted to the left and how to the right? 

4. How does the application of the Law of Mass Action help 
support the theory of complete dissociation of strong electrolytes? 

5. Which two indicators would you use to show that the hydro- 
gen ion concentration in a given solution is less than 10 -4 molar 
but greater than 10 -7 molar? 

6. Rewrite equations (1), (2), (3), (6), (7), (8), and (9) of this 
chapter in terms of the Brpnsted de fini tions, 

7. What pH values correspond to the following H + ion con- 
centrations : 

(a) 10 -5 (b) 10 -9 (c) 10 -1 (d) 10 -7 - 38 (e) 10 -2 - 1 

8. What is the concentration of the H+ ion in moles per liter 
in each of the following solutions? 


(a) 0.1 M CHsCOOH (HAc) 

(b) 0.01 M CHaCOOH (HAc) 

(c) 1 M CH 3 COOH (HAc) 

(d) 0.05 M HCN 
.(e) 0.01 M HNOo 


(f) 0.02 M HCNO 

(g) 0.001 M HN 3 

(h) 0.08 M ClCH.COOIi 

(i) 0.004 M HCN 

(j) 0.0001 M CeHsCOOH 


Use quadratic equation, page 478 in Appendix, for (e) and (j). 


9. Calculate the concentration of the OH~ ion in solutions of 
the following: 

h ml 
h al 

(a) 1 M NH 4 OH 

(f) 0.01 M CHsNHsOH 

(b) 0.1 M NH4OH 

(g) 0.2 M (CH,) 2 NH 2 OH 

{ j S j 

(c) O.OIMNH4OH 

(h) 0.1 M C 2 H 6 NH 3 OH 

i-Pi m 

(d) 0.001 M NH4OH 

(e) 0.04 M NH/JH 

(i) 0.002 M CeHsNHaOH 

. 1 \ 

m 


10. Solutions of the following weak acids and bases are ionized 
as indicated. Calculate the ionization constant in each case. 


Solution Per Cent Ionized 


(a) 0.1 M CH3COOH (HAc) 

1.35 


(b) 0.01 M CH3COOH 

4.20 

i§ 

'■h 1 

(c) 0.1 M NH4OH 

1.33 

ufi-i* 

(d) 0.01 M NH4OH 

4.15 

' S:f 

(e) O.IMHNO2 

6.5 

: 

(f) 0.1 M HCN 

0.0145 

r 

(g) 0.005 M HCN 

0.065 

•7 
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11. Two grams of HAc are dissolved in 1 liter of water. Calcu- 
late the concentration of the H+ ion and the Ac~ ion. 

12. To the above solution (problem 11) 2 grams of NaAc are 
added. Now what is the concentration of the H+ and Ac~ ions? 

13. Calculate the degree of ionization of the solutes in the fol- 
lowing aqueous solutions: 

(a) 0.1 M HN0 2 (d) 0.02 M NH«OH 

(b) 0.01 M HCN (e) 0.08 M CH 3 NH 3 OH 

(c) 0.05 M HAc 

14. If the H + concentration of a solution which contains 0.1 
mole of HAc and a certain amount of NaAc per liter is .000025 M , 
what must be the concentration of the Ac” ion? 

15. It is desired to make the concentration of the H + ion 
3.5 X 10” 8 M in a .05 M solution of HCN. This can be accom- 
plished by the addition of KCN. What must be the concentra- 
tion of the CN” ion in such a solution? 

16. A 0.1 M solution of NH 4 OH, also containing some NH 4 C1, 
is found to have an OH” ion concentration of 0.25 X 10" 5 M. 
What is the concentration of the NH 4 + ion in this solution? 

17. How many moles of NH 4 C1 must be added to 1 liter of a 
0.1 M solution of NH 4 OH to make the OH” ion concentration 
1 X 10“ 5 M per liter? 

18. If .01 mole HC1 is added to 1 liter of the resulting solution 
in problem (17), what will be the OH” ion concentration? 

19. If .01 mole NaOH is added to 1 liter of the resulting solu- 
tion in problem (17), what will be the final OH” ion concentration? 

20. A hypothetical acid, HA, dissociates as follows: 

HA - H+ + A” 

(a) If in a 0.1 If solution the degree of ionization is 1%, calcu- 
late the ionization constant for the acid. 

(b) Calculate the concentration of the H + ion in a .01 M solu- 
tion. 

(c) Calculate the degree of ionization in (b). 

(d) Calculate the concentration of H + ion in a solution which 
contains 0.1 M of the salt NaA and 0.1 M of the weak acid HA, 
the total volume of the mixture being 1 liter. 


QUESTIONS AND PROBLEMS 


21. Calculate the molar concentration of a solution of NH 4 OH 
which is known to be 4% ionized. 

22. What is the molar concentration of a solution of HCN which 
by experiment is found to be ionized to the extent of .01%? 

23. Five ml. of 3 M HAc is added to 50 ml. of 1 M NaAc solu- 
tion. Calculate the concentration of the H + ion in this solution. 
(The total volume is 55 ml.) 

24. Five grams of NH 4 C1 is added to 100 ml. of 0.1 M NH4OH 
solution. Calculate the concentration of the OH - ion. 

25. Fifty ml. of 0.1 M HC1 is mixed with 75 ml. of 0.1 M NH4OH 
solution. Calculate the concentration of OH“ ion in the mixture. 

26. Repeat problem (25) using NaOH in place of NH 4 OH. 

27. To 100 ml. of a .02 M solution of C 6 H 5 COOH is added 
250 ml. of .02 M solution of sodium benzoate (C 6 H 5 COONa). 
What is the concentration of the H + ion in the resulting solution? 

28. 4.75 g. of NH4CI is added to a solution already containing 
2.5 g. of NH 3 and the total volume is made 500 ml. by the addi- 
tion of water. What is the concentration of the OH~ ion in this 
solution? 

29. Calculate the pH of the following solutions: 

(a) 0.1 M HC1 

(b) A solution containing 1 g. HC1 per liter 

(c) 0.1 M HAc 

(d) A solution containing 0.1 M HAc and 0.1 M NaAc per liter 

30. Using HAc and NaAc in different amounts in each case, 
give the concentrations of each of these substances for three 
different solutions, each solution having a H 4- ion concentration 
of 10“ 4 . 

31. One hundred ml. of a 0.1 M HC1 solution is added to 100 ml. 
of a 0.2 M NH4OH solution. 

(a) What fraction of the NH 4 OH does the HC1 neutralize? 

(b) What is the concentration of the NH 4 + ion? (Neglect that 
amount of NH 4 + ion contributed by the NH 4 OH not neutralized.) 

(c) What is the concentration of the NH 4 OH not neutralized? 

(d) Calculate the OH~ ion concentration in the resulting solu- 
tion. 

32. In the following problem solid NaOH is to be added gradu- 
ally to a solution of HAc. As the NaOH is added part of the HAc 
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is neutralized. Even after the final addition of NaOH, the HAc 
will not be completely neutralized. The H + ion concentration and 
the pH of the solution are to be calculated after each addition of 
NaOH. 

One-hundredth of a mole of solid NaOH is added to 1 liter of a 
0.1 M HAc solution. (Neglect any volume change.) 

(a) What fraction of the HAc is neutralized? 

(b) What is the concentration of the Ac” ion? (Neglect that 
contributed by the HAc not neutralized.) 

(c) What is the concentration of the HAc? 

(d) Calculate the H + ion concentration. 

(e) What is the pH of the solution? 

To the resulting solution another .01 mole of NaOH is added. 
Again answer (a), (b), (c), (d), and (e). NaOH is added portion- 
wise (.01 mole at a time) until, in all, .07 mole has been added. 
After the addition of each .01 mole portion calculate the H + ion 
concentration and the pH of the solution. 

Make a plot of pH as the ordinates (vertical axis) against the 
number of moles NaOH added as abscissae (horizontal axis). 
Note particularly that the pH does not vary greatly between .04 
and .06 mole additions of NaOH. This phenomenon will be dis- 
cussed in a later chapter under “ Buffer Solutions.” 

-A 


CHAPTER IV 

HETEROGENEOUS EQUILIBRIUM — THE SOLUBILITY 
PRODUCT — COLLOIDS 

Any equilibrium which involves some kind of boundary 
surface is a heterogeneous one. The evaporation of water 
in a closed vessel is a simple example of this type of equilib- 
rium. Here the water vapor in the enclosing container is in 
contact with the liquid water through the water surface. 
Although all heterogeneous equilibria involve boundary sur- 
faces, yet the concentrations of the various substances 
involved are independent of the area of this surface. For 
example, the concentration of the water vapor, or the 
pressure exerted by the water vapor, in any container in 
which liquid water is also present is independent of the 
amount of surface exposed by the liquid. The rate at which 
water evaporates from the surface is greater, the greater the 
extent of the surface, but the condensation of the water 
vapor, i.e., the return of the water molecules from the 
gaseous state to the liquid state, is also greater, the greater 
the amount of exposed liquid surface. As a result of in- 
creasing the surface both the rate of evaporation and the 
rate of condensation are increased in such a way that the 
concentration of water remaining in the vapor state is con- 
stant. 

For a given temperature the rate of evaporation depends 
only upon the amount of surface exposed; in other words, 
the rate of evaporation is proportional to the amount of 
surface exposed. This statement may be expressed in sym- 
bols in the following manner : 

Hate of evaporation = k x S (1) 

where ki is some proportionality constant and $ the amount 
of surface. 



I 

V il 




105 





106 EQUILIBRIUM, SOLUBILITY, COLLOIDS 

The rate of condensation is proportional to the rate at 
which vapor molecules strike a unit area of surface and to 
the amount of surface. The rate at which molecules strike 
unit area of surface will depend upon the pressure exerted 
by the vapor. (If, for any given case, the pressure exerted 
by the vapor is doubled, twice as many molecules strike a 
unit surface per second.) 


Therefore 


Rate on unit surface pressure 
Rate of condensation « P X S 


where P is the pressure. 

Or Rate of condensation 


k 2 P X S 


where fe is some proportionality constant. At equilibrium 
the rate of evaporation equals the rate of condensation and 

hS = k 2 S X P 

Cancelling the surface term S from both sides of the equation, 


This means that for a given temperature the vapor pressure 
of water vapor (or of any liquid) is a constant and is in- 
dependent of the surface exposed, since the surface factor S 
does not appear in the final equilibrium equation. 

Another type of heterogeneous equilibrium with which 
we are to deal to a very great extent is the equilibrium be- 
tween a solid and its ions in solution, i.e., the solubility of 
some electrolyte in water. To illustrate this type of equi- 
librium let us consider a specific example, the equilibrium 
existing between solid barium sulfate and its saturated solu- 
tion, and let us apply the Law of Mass Action to this case. 

According to the theory of complete ionization, the small 
amount of barium sulfate which exists in water is present 
only as barium ions and sulfate ions. Although barium 
sulfate is very slightly soluble in water, it is nevertheless a 
salt and therefore is completely ionized. It would be con- 
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sidered as practically completely ionized even on the basis 
of the theory of incomplete ionization, since its concentra- 
tion is so small in the saturated solution. When equilibrium 
conditions are attained, that is, when the solution is satu- 
rated with the barium sulfate, the rate at which barium 
sulfate passes into solution from the solid crystals is equal 
to the rate at which barium ions and sulfate ions collide 
and deposit on the surface of the crystal. The rate at which 
barium ions and sulfate ions leave the solid barium sulfate 
will depend upon the amount of surface of barium sulfate in 
contact with the water. If in one case the surface of barium 
sulfate exposed to the water is three times as great as that 
in another case, the rate at which it enters the solution will 
be three times as large. 

Rate of solution = kiS (4) 

where S is the amount of surface of barium sulfate exposed 
to the solution. 

The rate of deposition of the barium sulfate will depend 
upon the rate at which barium ions and sulfate ions collide 
in juxtaposition on the surface. For a barium ion to de- 
posit, it is also necessary that a sulfate ion deposit next to it, 
for in the barium sulfate crystals these ions lie next to each 
other. It would be impossible for only barium ions to de- 
posit, since a positive charge would then develop on the 
crystal and crystals of barium sulfate could not be formed. 
The rate of combination of the barium and sulfate ions will 
then be proportional to the rate at which they collide with 
each other on the surface of the solid barium sulfate. The 
rate of formation of the crystal will then be proportional to 
the concentration of the barium ions, the concentration of 
the sulfate ions, and the surface. If the surface is doubled, 
twice as many collisions between barium ions and sulfate 
ions occur on the surface in a given period of time. We 
may then write 

Rate of deposition = &i(Ba ++ ) (S0 4 )S 



( 5 ) 
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Under equilibrium conditions the rate of solution equals 
the rate of deposition, and 

hS = fe(Ba ++ )(S0 4 )S 

The same amount of surface is involved in both processes 
of solution and deposition; the S cancels from both sides 
of the expression and we have 

(Ba ++ )(S0 4 “) = jjr = K S . F . (6) 

K s . p. is an equilibrium constant which is designated more 
specifically as the solubility product constant, while the prod- 
uct (Ba ++ ) (S0 4 — ) under equilibrium conditions is known as 
the solubility product. 

Analyzing this expression we see that as the concentration 
of the barium ion is increased, if equilibrium is to be main- 
tained, the concentration of the sulfate ion must decrease 
in the inverse ratio. For example, in a saturated solution 
of barium sulfate in pure water the concentrations of both 
the barium ions and the sulfate ions are each 1 x 10~ 5 
mole per liter. The value of K S , T , for barium sulfate is then 
1 x 10~ 5 X 1 X 10“ 5 = 1 x 10“ 10 . If now the concentra- 
tion of the sulfate ions in this same solution is increased 
tenfold, that is, to 1 X 1CH mole per liter by the addition 
of a small amount of sodium sulfate, then to maintain 
equilibrium the concentration of the barium ions must be 
decreased tenfold to 1 X 1G~ 6 mole per liter, and now 
(Ba++) (S0 4 — ) = 10- 6 X 10- 4 = 10- 10 .* 

The product of the two concentrations must always equal 
10 _in , the solubility product constant for the temperature 
in question. A decrease in the concentration of barium ions 
by the addition of sulfate ions, as just described, can only 
take place by the precipitation of barium sulfate. In other 
words, the barium ions can be removed from the solution 
only by the formation of solid barium sulfate. This general 
conclusion can be qualitatively deduced from a eonsidera- 

* If the coefficient in the mixed exponential number is 1 it is usually 
omitted. 1 X 10" 5 = 10"‘. 
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tion of the Rule of Le Chatelier. The equilibrium is repre- 
sented by the equation, 

BaS0 4 (solid) = Ba++ + S0 4 — (7) 

By increasing the concentration of the sulfate ions the 
equilibrium is shifted to the left, i.e., solid barium sulfate is 
formed, and this shift proceeds until a new equilibrium con- 
dition is established which, in the case cited above, results 
in a concentration of 10 -4 mole per liter for sulfate ions and 
10~ 6 mole per liter for barium ions. 

We may apply the Law of Mass Action directly to this 
equilibrium without considering the rate processes involved 
and arrive at the same conclusion. Applying the Law of 
Mass Action to the equilibrium for equation (7) we may 
write 

(Ba+ + )(SQ 4 -) 

(BaS0 4 , solid) 1 w 


(Ba ++ )(S0 4 


&i(BaS0 4 , solid) 


But the concentration of solid barium sulfate does not 
change. Its concentration depends only upon the density 
of solid barium sulfate, which remains practically con- 
stant under all ordinary conditions. Therefore the product 
h X (BaS0 4 , solid) is a constant, which we designate as K SJ >, 

or (Ba++)(S0 4 “) = A S . P . 

This is the same expression as that previously obtained 
(equation 6). 

Applying these same considerations to silver chromate 
which dissolves slightly in water to give two silver ions for 
each chromate ion, 

Ag 2 Cr0 4 (solid) = 2Ag+ + Cr0 4 “ (9) 

we obtain 

(Ag+) 2 (Cr0 4 ) = K a . P . (10) 

In this case, however, for the deposition of silver chromate 
from its solution it is necessary that two silver ions and 
one chromate ion collide on the surface of the solid silver 
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chromate, and therefore the concentration of the silver ion 
is squared. 

Conditions Necessary for Precipitation. Every pure sub- 
stance has a definite solubility in water at a given tempera- 
ture. When the concentration of the substance in water 
solution exceeds this solubility value, either precipitation 
of the substance from solution or a supersaturated solution 
will be the result. The solubility product is a quantitative 
statement of the limit of solubility of any difficultly soluble 
substance which forms ions. When the product of the con- 
centrations of the ions in the solution exceeds the value of 
the solubility product constant either precipitation will en- 
sue or a supersaturated solution will be formed. Super- 
saturated solutions form with difficulty and precipitation 
is the usual result of excess concentration of the ions. 

To illustrate this condition let us consider a specific ex- 
ample. If a solution contains chloride ion at a concentration 
of KH mole per liter in the form of dissolved sodium 
chloride or calcium chloride, will a precipitate be formed 
when enough silver nitrate is added to make the silver ion 
concentration equal to 10 -3 mole per liter? The condition 
necessary for precipitation is 

(Ag+) (Cl - ) = K s . f . (11) 

The solubility product constant for silver chloride at room 
temperature is 1.56 X 10 -10 . In the solution under consider- 
ation (Ag + )(C1~) = 10“ 3 X 10 -5 = 10“ 8 , which is greater 
than 1.56 X 10 -10 . We see that the product of the silver ion 
concentration and the chloride ion concentration exceeds 
the solubility product constant; hence, either precipitation 
will follow or a supersaturated solution will be formed. 

If, in the above case, the concentration of the silver ion 
were made 10 -5 mole per liter rather than 10 -3 mole per 
liter, no precipitation would take place under any circum- 
stances, for now the product (Ag+)(C1~) would be less than 
the solubility product constant, 

(Ag+)(C1-) = 10- 5 X 10- 5 = 10- 10 < 1.56 X 10- 10 
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Supersaturation of Difficultly Soluble Substances. As we 
have already indicated, precipitation will not always occur 
when the product of the concentrations of the ions exceeds 
the solubility product constant, due to the slow rate of pre- 
cipitation. However, once the small crystals are formed, 
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Figure 22. Schematic Representation of a Crystal 

the precipitation proceeds rapidly. The process of forming 
the first nucleus about which crystallization takes place is 
entirely different from the later crystallization. Any crystal 
which is within the limit of visibility even with the best 
microscope contains thousands of ions. Such a crystal is 
pictured in a general way in Figure 22. 

In this case the ions only need find their regular positions 
and thus build up the crystal. When the crystal is started, 
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however, the situation becomes entirely different. Figure 23 
illustrates in a general way an incipient crystal. Here the 

forces holding the ions are 


certainly different since each 
ion occupies a corner and 
edge position. An additional 
condition is that four or 
more ions be sufficiently close 
to each other simultaneously 
to allow the nucleus to form. 
This situation is probably 
rather rare. We see from 
these illustrations that the 
process of incipient crystal- 
Figure 23. Formation of First lization ig undoubtedly a 

more complicated phenome- 
non than is usually imagined. Barium oxalate, BaC 2 04 , and 
calcium chromate, CaCr0 4 , are two well known examples of 
difficultly soluble salts which easily form supersaturated so- 
lutions. 

Solubility of Very Small Crystals. Experiments have 
shown definitely that small crystals of any substance are 
more soluble than larger ones. Barium sulfate crystals, 
10~ 4 cm. in diameter, are almost twice as soluble as crystals 
twenty times this diameter. The difference between the 
solubility of crystals 10- 8 cm. in diameter and the solubility 
of larger crystals becomes inappreciable and it is only for 
very small crystals that this factor must be considered. 
Calculations have shown that ions in the interior of a 
crystal are bound with greater forces than are those on the 
faces or edges. Evidently a greater fraction of the ions 
occupy external positions for small than for larger crystals, 
and therefore the average tendency to enter the solution 
will be greater for the smaller crystal. From these con- 
siderations it can be deduced that crystals will grow in such 
a way as to produce as many interior ions (as few surface 
ions) as possible. Such a condition is attained only by 
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the growth of larger crystals at the expense of smaller 
ones. 

Since small crystals are more soluble than large crystals, 
the smallest crystals will in time dissolve and the larger ones 
will grow still larger. No real equilibrium is attained until 
the crystals are relatively large. Minute crystals will pass 
through filters and it is often possible to “digest” such 
precipitates to remove this condition. Heat increases the 
rate of solution, crystallization, and the rate at which the 
large crystals will grow from the smaller ones. Very often 
the precipitate will become sufficiently coarse, i.e., digested, 
either by heating or allowing the suspended precipitate to 
stand overnight. 

The fact that small crystals have a greater solubility means 
that a different and larger solubility product constant must 
apply to these than to the larger crystals. The solubility 
product constants are calculated for solutions in contact 
with relatively large crystals. When calculating the concen- 
trations of the different ions necessary for precipitation it 
must be borne in mind that a slight excess concentration 
over that demanded by the solubility product constant is 
required, since the first crystals formed are necessarily small. 
However, after crystallization has set in and relatively larger 
crystals are formed, the concentrations of the ions left in 
solution will be in accord with the solubility product con- 
stant. 

Limit of Visibility of Precipitates Is Often the Determining 
Factor in Qualitative Analysis. Even though a precipitate 
may form from very dilute solutions of the reactants, yet 
that precipitate may exist in such small quantities that it 
is not visible. Such a precipitate would be of no conse- 
quence in qualitative analysis. For example, calculations 
show’ that a precipitate will be formed when a solution 
which contains as little as KM 20 mole per liter of copper ion, 
Cu ++ , is saturated with hydrogen sulfide. Obviously, such 
a precipitate could not be seen. "With silver chloride a 
precipitate is only visible when the solution before pre- 
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■v cipitation contains either silver ion or chloride ion at a 

concentration greater than 2 x 10~ 5 mole per liter. For 
pi the detection of a precipitate it is necessary that the ions 

:'j producing the precipitate be present at concentrations suf- 

i : ( ficient to render the solid phase visible. The lower limit of 

| “visible” concentration is about 10~ 4 mole per liter for 

most substances. 

Increase in Solubility by the Formation of Weak Acids. 
1 The addition of any acid to a saturated solution will increase 

] the solubility of the salt if the hydrogen ion combines with 

; the anion of the salt to form a weak acid. Thus, the equilib- 

rium between silver acetate and its ions, 

AgAc (solid) = Ag+ + Ac - (12) 

4 

is shifted to the right by the addition of hydrogen ion in 
the form of a strong acid, such as nitric acid since the hy- 
drogen ions combine with the acetate ions to form acetic 
3 acid. 

j All carbonates are soluble in acid solution due to the for- 

mation of the weak acid, carbonic acid, H 2 C0 3 (C0 2 + H 2 0). 

? Barium carbonate is readily dissolved by hydrochloric and 

;j by nitric acid solutions. The solubility of barium sulfate, 

UU,y on the other hand, is not increased appreciably by the addi- 

Wf '% tion of hydrochloric acid because sulfate ions show little 
tendency to combine with hydrogen ions. 

The solubility of any sulfide is increased by the addition 
of hydrogen ion, since the weak acid, hydrogen sulfide, and 
its weak ion, HS _ , are formed. In some cases, however, 
the sulfide may be so insoluble that an increase in its solu- 
bility as much as a millionfold will not be appreciable. In 
other words, for the very insoluble sulfides the addition of 
acid to the solution does not allow an appreciable amount of 
the sulfide to dissolve even though the solubility is increased 
enormously. Equilibria involving the sulfides will be con- 
sidered in detail in a later chapter. 

Colloids. If any relatively insoluble substance is pre- 
pared in a finely divided state and added to a liquid, such 
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as water, a suspension, of the solid in the liquid will be 
formed, which will ultimately settle to the bottom of the 
container provided that the suspended material is not too 
finely divided. Very finely divided suspended material will 
remain in continued suspension if no subsequent coagula- 
tion of the particles takes place. Such a system is a hetero- 
geneous one and the substance in the finely divided state is 
known as the dispersed phase and the liquid, the dispersing 
medium. 

When the particles in the dispersed phase are so small 
that they can no longer be seen or detected with the micro- 
scope, we may well ask whether this system is a suspension 
or a solution. If the particles were of molecular size, the 
system would be a solution, and if the particles were visible, 
a suspension or mixture would be formed. There is no 
sharp distinction between solutions and suspensions, and 
systems for which the suspended particles lie in this inter- 
mediate condition are known as colloidal suspensions or 
colloidal solutions. The finely divided dispersed phase in 
such a system is known as a colloid. 

As we have said previously, molecules or ions at the sur- 
face of a crystal or particle behave somewhat differently 
from those in the interior. The properties of any substance 
which has a large surface compared to its volume are more 
like those of the surface molecules. A very finely divided 
substance has a very much larger surface than one consisting 
of large particles. Since colloidal particles are very finely 
divided the increased surface is responsible for some of the 
properties which distinguish this class of substances from 
substances as we ordinarily know them. For simplicity, let 
us consider the total surface area of the cubic particles con- 
tained in one cm. 3 of a given substance. If only one particle 
is present, each edge has a length of 1 cm. and the sur- 
face area of the cube is 6 cm. 2 By decreasing the size of 
the particle, the number of particles in one cm. 3 and the 
surface area are greatly increased, as is demonstrated by 
Table 8. 
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TABLE 8 

Surface of One cm . 3 of Material for 
Different Particle Sizes 


Size of Cubic 
Particle, cm. 

Surface, cm. 2 

1 

6 

0.1 

60 

0.01 

600 

0.001 

6000 

0.0001 

60000 

0.00001 * 

600000 

0.000001 

6000000 


While the limit of distinct visibility with the microscope 
is about 1(H cm., yet particles somewhat smaller than this 
can be detected but not seen in outline. Such very small 
particles when viewed through a microscope with illumina- 
tion from the side will reflect light and sparkle. Such a 
microscopic arrangement is known as the ultra-microscope. 

The Brownian Movement. When very small particles are 
viewed through the microscope or ultra-microscope, they 
appear to be darting about in constant zig-zag motion. This 
motion of small particles is known as the Brownian Move- 
ment and is characteristic of all colloidal suspensions. "When 
we seek an explanation of this motion we are led back to the 
kinetic theory of matter, which postulates that all mole- 
cules are in motion. Any particle in suspension is bom- 
barded on all sides by the moving molecules of the dispersing 
medium. When the particles are sufficiently large the im- 
pact of the molecules on the side of the particle is not great 
enough to cause any appreciable movement. Furthermore, 
the bombardment on one side of the particle is counter- 
balanced by the bombardment on the opposite side, so the 
net result is that there is no appreciable momentum im- 


Limit of visibility. 
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parted to the particle in any particular direction. When the 
particle is very small the probability that it will be struck 
simultaneously with equal force on two opposite sides be- 
comes small, and since the particle itself is small its velocity 
acquired by impact will be large and a visible motion re- 
sults. 

Classes of Colloids. Colloidal systems are not confined 
to the suspension of solids in liquids, although such sus- 
pensions are of most importance in qualitative analysis and 
in most problems in chemistry. One liquid dispersed in 
another is known as an emulsion; mayonnaise dressing is 
an example of an emulsion, essentially an oil in water. The 
different general types of colloidal systems are given below 
in tabular form. 

TABLE 9 

Types op Colloidal Systems 


Dispersing 

Phase 

Dispersed 

Phase 

Type 

gas 

gas 

none (homogeneous) 

gas 

liquid 

fog 

gas 

solid 

smoke 

liquid 

gas 

foam 

liquid 

liquid 

emulsion (mayonnaise dressing) 

liquid 

solid 

suspension (muddy water) 

solid 

gas 

solidified foam (pumice) 

solid 

liquid 


solid 

solid 

ruby glass 


Adsorption. Any molecule, atom or ion may be conceived 
as being surrounded by a field of force, which field is not 
neutralized or “satisfied” when the particle is existing alone 
in space. This attractive force varies considerably with 
different particles. Thus the helium atom has a very small 
field, as evidenced by its very low boiling point, while the 
molecules of a substance having a high melting point or high 
boiling point possess relatively large attractive forces. When 
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a molecule or ion is situated in the interior of a crystal these 
forces are neutralized or satisfied to the greatest possible 
extent. At the surface of a crystal, however, the attractive 
forces are not completely neutralized and the residual force 
of the surface molecules attracts other particles and holds 
them fast to the surface. This adherence of foreign particles 
to any surface is known as adsorption. The smaller the 
particle the greater the amount of surface will be and the 
larger the total effect of surface forces. Not all finely divided 
particles are perfect crystals and the less perfect the crystal- 
line form the greater will be the adsorptive forces, for under 
such conditions the attractive forces of the molecules in the 
crystal are less satisfied by each other. Gelatinous pre- 
cipitates like aluminum hydroxide and ferric hydroxide are 
very probably imperfectly crystallized and these substances 
have very great adsorptive capacities. 

The small size of colloidal particles, because of the in- 
creased surface area, makes them particularly good adsorb- 
ents. Not only are neutral molecules adsorbed to their surfaces 
but ions as well. The adsorption of ions on the surface of 
colloidal particles is preferential, i.e., not all ions are adsorbed 
alike. In some cases negative ions are adsorbed more readily 
than positive ions. In such cases the colloidal particles be- 
come negatively charged. Some colloids, on the other hand, 
become positively charged through the adsorption of positive 
ions. If all the colloidal particles have the same charge, they 
will repel each other and prevent coagulation. The adsorp- 
tion of ions of like charge, therefore, stabilizes the colloidal 
solution. When placed in an electric field — between two 
charged plates — negatively charged particles will move to- 
ward the positive plate and positively charged particles 
toward the negative plate. Under some conditions these 
particles become neutralized at the electrode and “plate 
out” just as ions may be plated from solution. By such a 
process rubber may be “plated out” of its suspension. 

Finely divided barium sulfate has a great tendency to 
adsorb other ions from solution. In fact this tendency is so 
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great that it becomes very difficult to obtain pure barium 
sulfate by precipitation. 

Coagulation of Colloids. Not all colloidal suspensions are 
stable. Many of them tend to coagulate through the ad- 
herence of the particles for each other. When silver chloride 
is precipitated from solution it first forms a very finely 
divided suspension but in a short time these fine particles 
coagulate and settle to the bottom of the container. This 
process is hastened by heating, and in many instances this 
simple expedient is sufficient to cause coagulation. 

■When a negatively charged colloid such as arsenic tri- 
sulfide, AS2S3, is in suspension, it may be coagulated by 
adding certain positive ions to the solution in the form of 
salts, acids or bases, which have a tendency to be adsorbed. 
The adsorbed positive ions neutralize the negative ions al- 
ready adsorbed and the more nearly neutral particles then 
coagulate. In general, the hydrogen ion is highly adsorbed 
and the addition of an acid to this suspension precipitates it. 

In general, those ions which are multiply charged are more 
effective in causing coagulation than singly charged ions. 
Aluminum ion is more effective than magnesium ion, Mg ++ , 
and this ion in turn is more effective than sodium ion, Na+. 

In qualitative analysis finely divided precipitates are 
often very troublesome and annoying. Coagulation may 
often be effected by either heating or by the addition of an 
acid. It is evident that salts can very seldom be added to 
the solution, since in most cases they will interfere with the 
analysis. 

The applications of dyestuffs to cloth fiber is usually a 
process of adsorption, the dyestuff being adsorbed on the 
fiber. Dyes will not “take” to certain fibers and in such a 
case the material to be dyed may be coated with a coagulant 
such as aluminum hydroxide or stannic acid, which in turn 
will adsorb the dye and bind it to the cloth fiber. Coagulants 
used for such purposes are known as mordants and the com- 
bination between the mordant and the dye is called a lake. 

Id qualitative analysis use is made of the adsorptive 
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properties of aluminum hydroxide in its detection. This 
substance possesses the property of adsorbing a dyestuff 
known as aluminon. When the latter is added to a suspen- 
sion of aluminum hydroxide, Al(OH)*, it is adsorbed prefer- 
entially by the hydroxide and the suspension, which is a 
lake, assumes a characteristic red color. 

Catalysts. Preferential adsorption is the property that 
gives contact catalysts their special effectiveness. The sub- 
stances which react with each other are adsorbed on the 
surface of the catalyst and the products formed are adsorbed 
to a lesser extent and thus leave the surface of activity. 

The preparation of a catalyst usually greatly influences its 
activity. If the catalyst is prepared in such a way that the 
substance formed is not well crystallized, it usually becomes 
more active. Thus, when iron is used as a catalyst it is most 
active when prepared from iron oxalate. This compound is 
broken down at low temperatures to ferric oxide, carbon 
monoxide and carbon dioxide, and the ferric oxide in turn 
is reduced with hydrogen at a low temperature. At the low 
temperature perfect iron crystals form with difficulty; the 
imperfect crystals are the better adsorbers, hence the greater 
their catalytic activity. The addition of foreign substances 
such as sodium hydroxide or aluminum oxide often enhances 
this activity of the catalyst. These substances, known as 
promoters, very probably prevent the formation of perfect 
or large crystals by keeping the iron atoms apart. 

EXAMPLES OF PROBLEMS INVOLVING THE SOLUBILITY 
PRODUCT PRINCIPLE 

Example 1. 

The solubility of BaSCh in water is .000242 g. per 100 ml. What 
is the value of the A SP . for BaSCh? 

First, calculate the solubility of BaS0 4 in moles per liter. 
000242 g. per 100 ml. is equivalent to .00242 g. per liter. 

The molecular weight of BaS0 4 is 233.4. 

2.42 X 10 -3 

-- oqo - 4 — niole per liter = 1.038 X 10“ 5 mole per liter 


1.30 X 10~ 4 mole per liter 


9 X 10- 12 
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This means that there is 1.038 X 10~ 5 mole each of the barium 
ion and sulfate ion in solution. 

The solubility product constant is therefore 

(Ba ++ ) (S0 4 ) - 1.038 X 10~ 5 X 1.038 X 10“ 5 = 1.08 X IG” 10 

Example 2. 

Silver chromate, Ag 2 Cr0 4 , is soluble to the extent of .0431 g. 
per liter. Calculate the solubility product constant. 

The molecular weight of silver chromate is 331.8. The solubil- 
ity in moles per liter is 

.0431 g. per liter . . , 

331.8 g. per mole = L3 ° X 10 mole per Mer 

Since silver chromate is completely ionized there is 1.30 X 10~ 4 
mole of chromate ion and 2 X 1.30 X 10“ 4 mole of silver ion in 
solution. 

The Kq . p . is then 

(Ag+) a (Cr0 4 “) = (2 X 1.30 X 10~ 4 ) 2 X 1.30 X 10~ 4 - 9 X 10“ 12 
Example 3. 

Calculate the solubility of CaS0 4 in g. per 100 ml. from its solu- 
bility product constant. K s , P . = 6.1 X 10~ 5 . 

Let X be the number of moles of CaS0 4 in 1 liter of solution. 

Since CaS0 4 is completely dissociated, there will be X moles of 
Ca ++ and X moles of S0 4 . 

CaS0 4 (solid) = Ca++ + S0 4 “ 

X -> X X 

(Ca 4 ^) (S0 4 ) - X 2 

X 2 - 6.1 X 1Q“ 5 == 61 X 10- 6 

X = 7.8 X 10~ 3 mole/liter 

This is not only the concentration of the calcium ion and of the 
sulfate ion but it also represents the concentration of the total 
amount of calcium sulfate in solution. The molecular weight of 
calcium sulfate is 136. There are therefore 

7.8 X 10” 3 X 136 = 1.06 g. CaS0 4 /liter or 0.106 g./lOO ml. 

Example 4* 

Calculate the solubility of Mg(OH) 2 in g./liter from the solu- 
bility product constant. X s .p, = 1.5 X 10~ u = 15 X 10~ 12 . 
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'I X = No. of moles of Mg(OH) 2 dissolved — (total) 

j X = No. of moles of Mg ++ 

| 2X = No. of moles of OH - 

| (Mg++)(OH - ) 2 = X(2X) 2 = 4X 3 = 15 X 10 -12 

X 3 = 3.75 X 10 -12 

j. X = 1.55 X 10 -4 mole per liter. 

The molecular weight of Mg(OH) 2 is 58.3. There are therefore 
| 1.55 X 10 -4 X 58.3 = 90.4 X 10 -4 = .00904 g./liter or .009 g./liter 

Example 5. 

What is the concentration of Ag+ in moles/liter left in solution 
if AgCl is precipitated by adding enough HC1 to a solution of 
AgN0 3 to make the final Cl - ion concentration 0.1 molar? 

X s . P .(AgCl) = 1.58 X 10- 10 
(Ag+)(C1~) = 1.56 X 10~ 10 
| (Ag+) X 0.1 = 1.56 X lO -10 

1 Wv in-io 

(Ag + ) = — — = 1.56 X 10 -9 mole/liter 

! Example 6. 

j (a) A solution contains .01 mole Cl - and .001 mole Cr0 4 — 

:ij per liter. Ag+ ion is gradually added to this solution in the form 

of AgN0 3 . Which will be precipitated first, AgCl or Ag 2 Cr0 4 ? 

X s . P .(AgCl) = 1.56 X 10 -10 
X s .p.(Ag 2 Cr0 4 ) = 9 X 10 -12 

(1) Calculate (Ag+) necessary to precipitate AgCl. 

(Ag+)(C1 - ) = (Ag+) X .01 = 1.56 X lO -10 
i v in-io 

(Ag + ) = — = 1.56 X 10 -8 mole/liter 

(2) Calculate (Ag+) necessary to precipitate Ag 2 Cr0 4 . 
(Ag+) 2 (Cr0 4 — ) = (Ag+) 2 X .001 = 9 X 10 -12 

Q y 1 0-12 

(Ag + ) 2 = 10 _3 = 9 X 10 -9 = 90 X 10 -10 

(Ag+) = 9.5 X 10 -5 mole/liter. 

A greater concentration of Ag+ is necessary to cause precipita- 
tion of Ag 2 Cr0 4 than AgCl, so AgCl will precipitate first. 
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(b) What will be the concentration of the Cl~ in this solution 
when the Ag 2 Cr0 4 begins to precipitate by the continued addition 
of Ag + ? Bear in mind that as the AgCl is precipitated by the 
addition of Ag + the Cl~ concentration is reduced. 

The Ag + ion concentration necessary to precipitate the AgoCrCh 
is 9.5 X 10~ 5 mole/liter. For this concentration of Ag+ the Cl~ 
concentration will be 

X 10-“ 1.56 X 10~ 10 n „ 

(C1 > - —AT) - IT x 10- - 0164 x 10 - s 
= 1.64 X 10 -6 mole /liter 

(c) What fraction of the amount of Cl - originally present re- 
mains in solution when Ag 2 Cr0 4 begins to precipitate? 

(Cl - ) original = .01 mole per liter 
(Cl') when pptn. of Ag 2 Cr0 4 begins = 1.64 X 10~ 6 mole per liter 
1.64 X 10- 6 , 

-qj = 1.64 X 10~ 4 = .000164 

= .0164% of original Cl - present. 


= 0.164 X 10- 5 


Calculations Involving Both the Ionization Constant 
and Solubility Product Constant 

Example 7. 

How many moles of NH 4 C1 must be added to 100 ml. of 0.1 M 
NH 4 OH solution to prevent precipitation of Mn(OH) 2 when this 
solution is added to 100 ml. of a .02 M solution of MnCl 2 ? 

i?s.P.[Mn(OH) 2 ] = 4.5 X 10~ 14 
A i (NH 4 OH) = 1.8 X 10-5 

In working this problem consider the concentrations of all sub- 
stances in the final solution after the two original solutions are 
mixed. The concentration of the Mu'* 4 ion will be .01 M and the 
OH - just necessary to begin the precipitation of the Mn(OH) 2 can 
be calculated from its solubility product. 

(Mn++) X (OH-) 2 = .01 X (OH-) 2 = 4.5 X 10~ 14 
(OH-) 2 = 4.5 X 10- 12 
(OH-) = 2.1 X 10- s mole/liter 

If the (OH - ) exceeds this value calculated, Mn(OH) 2 will be pre- 
cipitated. To prevent precipitation, the (OH - ) must be less than 
this value. The (OH - ) can be diminished by the addition of 
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NH 4 +, in the form of NH 4 C1. The concentration of the NH 4 + ion 
in equilibrium with this low concentration of OH“ can be calcu- 
lated from the K x for NH 4 OH. 

(NH 4 + )(OH~) 5 

(NH 4 OH) 1,8 X ° 

The (NH 4 OH) is practically .05 mole per liter. 

( nh 4 + ) x 2.1X10:; = L8 x 10 _ 5 

.05 

(NH.+) - 18 x 

■ ' 1 2.1 X 10-‘ 

= 0.43 mole/liter 
= .086 mole/200 ml. 

Since this is the total amount of NBU"*" which must be added 
in the form of NH 4 C1, it is this amount which must be added to 
the original 100 ml. of NH 4 OH. The amount of NH 4 + ion formed 
by the dissociation of NH 4 OH is negligibly small and has been 
neglected. 

QUESTIONS AND PROBLEMS 

1. What is a heterogeneous equilibrium? 

2. If solid barium sulfate is in equilibrium with its ions, Ba ++ 

and S0 4 , in solution, will this equilibrium be affected by the 

addition of more solid barium sulfate? 

3. If in a saturated solution of silver chloride, the concentra- 
tions of the Ag + and Cl~ are each 1.25 X 1Q~ 5 M, what will be the 
final concentration of the Ag + if sufficient sodium chloride is added 
to the solution to increase the Cl” concentration 100-fold? 

4. What are the conditions necessary for the precipitation of a 
relatively insoluble salt? 

5. If the product of the concentrations of the ions exceeds the 
solubility product will precipitation always result? Explain. 

6. Is the solubility product for very small crystals the same as 
that for large crystals? 

7. Explain why small crystals would be expected to be more 
soluble than large crystals. 

8. What is the order of magnitude of the concentration of the 
ions necessary to produce a precipitate visible to the naked eye? 
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9. If a cube 1 cm. on the side is divided into one million cubes 
each of the same size, how much is the total surface increased? 

10. Why do the surfaces of imperfect crystals adsorb substances 
to a greater extent than those of perfect crystals? 

11. How may colloids be coagulated? 

12. Explain the use of aluminon in qualitative analysis. 

13. Why are catalysts more active when prepared at low 
temperatures? 

14. The solubility of each of the following salts is given below 
in terms of grams per 100 ml. of solution. Calculate the solubility 
product constant for each substance. 


Substance 

(a) AgCl 

(b) AgBr 

(c) Agl 

(d) BaS0 4 

(e) Ag 2 Cr0 4 
■(f) CaC0 3 
(g) SrE 2 


Solubility in grams 
per 100 ml. 

1.79 X 10~ 4 
1.65 X 10- 5 
2.88 X 10~ 7 
2.43 X 10- 4 
4.32 X 10- s 
0.943 X 10- 3 
1.22 X 10- 2 


15. The solubility product constants are given below for a few 
difficultly soluble substances. Calculate the solubility of each in 
terms of grams of solute per 100 ml. of solution. 


Substance 


Solubility Product 

Constant 

(a) Mg(OH) 2 1.5 X 10~ u 

(b) BaC0 3 8.1 X 10- 9 

(c) Ag 2 Cr0 4 9.0 X 10- 12 

(d) Fe(OH) 3 1.5 X 1G -36 

‘ (e) MgC 2 0 4 8.8 X 10“ 5 

(f) SrS0 4 2.9 X 10- 7 

(g) Cul 5.1 X 10- 12 

(h) AgCN 2.2 X 10- 12 

16. The solubility product constant for BaCr0 4 is 2.4 X 10~ 10 . 
If the concentration of the barium ion in a solution is .04 M, 
calculate the minimum concentration of the chromate ion, in 
terms of moles per liter, that will be required to begin the precipita- 
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tion of barium chromate, assuming that a supersaturated solution 
is not formed. How many grams of sodium chromate must be 
added to 200 ml of water to produce this amount of chromate ion? 

17. How many grams of silver chromate will dissolve in 100 ml. 
of 0.1 M potassium chromate solution? 

18. (a) Calculate the number of grams of PbS that would 
precipitate from 1 liter of saturated solution of Pbl 2 , if the solution 
is saturated with H 2 S, assuming that the concentration of the 
sulfide ion is kept at 1.2 X 10” 15 mole per liter. 

(b) How many moles of Pb ++ are left in solution? 

19. Calculate the number of moles of AgCl that will dissolve 

(a) in 1 liter of 0.1 M KC1 solution. 

(b) in 1 liter of 0.1 M CaCl 2 solution. 

20. If AgNCb is added slowly to each of the following solutions, 
calculate the concentration of the Ag + ion in the resulting solu- 
tion just after the first trace of precipitate appears. 

(a) 0.1 M KBr solution. (b) 0.1 M K 2 Cr 04 solution. 

(c) A solution containing 1 mole HC1 and .001 mole KI per liter. 

21. The solubility of Pbl 2 is .0701 g. per 100 ml. at room 
temperature. 

(a) What is the concentration of Pb ++ ? Of I”? 

(b) Write the solubility product expression for Pbl 2 . 

(c) Calculate the solubility product constant for Pbl 2 . 

22. The solubility product constant for calcium oxalate at 
room temperature is 2.6 X 10~ 9 . 

(a) What is the concentration of Ca ++ and of C 2 0 4 — in a 
saturated solution of calcium oxalate? 

(b) Calculate the number of grams of calcium oxalate dissolved 
in a liter of saturated solution. 

23. The solubility product constant for lead iodate at room 
temperature is 2.6 X 10~ 13 . How many grams of lead iodate are 
required to make 200 ml. of a saturated solution? 

24. Calculate the concentration of the OH” in a saturated 
solution of silver hydroxide. 

25. How many grams of NaOH are required to start the pre- 
cipitation of Mg(OH) 2 in 100 ml. of a solution which contains 
0.1 g. of MgCl 2 ? 

26. If to a liter of solution containing 0.1 mole of Ag + enough 
Cl” is added to make the final concentration of the Cl” ion re- 
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maining in solution 1 X 10" 4 mole per liter, what fraction of Ag + 
is left in solution? (Assume no volume change.) 

27. AgN0 3 is added to a solution containing .001 mole Cl" and 
.001 mole Br per liter. What are the concentrations of Cl" and 
of Br" remaining when the AgCl just begins to precipitate? 

28. How many grams of Ag+ are present in (a) 5 ml. of a 
saturated solution of AgBr? 

(b) 5 ml. of a saturated solution of AgCl? 

29. How many moles of AgCl would dissolve in 1 liter of the 
following solutions: 

(a) 0.1 M NaCl (d) 0.1 M AgN0 3 

(b) 0.1 M KNOs (e) 1 X 10~ 5 M HC1 

(c) Pure water 

30. Solid AgCl is added to a 0.1 M KBr solution. What is the 
ratio of the (Cl - ) to the (Br~) in the solution when equilibrium is 
attained? 

31. The solubility of the Agl is 2.88 X 10~ 7 g. per 100 ml. in 
water, and that of AgCl is 1.79 X IQ" 4 g. per 100 ml. Assuming 
that there is no volume change when pulverized solid AgN0 3 is 
added little by little to 1 liter of a solution containing 0.1 mole of 
KC1 and 0.1 mole of KI: 

(a) At what concentration of Ag* will Agl first precipitate? 

(b) At what concentration of Ag + will AgCl begin to precipitate? 

(c) Which precipitates first, Agl or AgCl? 

(d) What will be the concentration of I" when AgCl starts to 
precipitate? 

(e) What percentage of the I" initially present will remain in 
solution when AgCl begins to precipitate? 

(f) What will be the ratio of the concentration of Cl" to that 
of I" in the solution when AgCl begins to precipitate? (Use result 
of (d) to obtain answer.) 

(g) When half of the Cl~ initially present has been precipitated 
as AgCl, what will be the concentration of (1) Ag + and (2) I~ in 
the supernatant liquid? 

(h) What is the ratio of the concentration of Cl" to that of I" 
in the supernatant liquid of part (g)? 

32. The solubility of PbL is 1.52 X 10" 3 mole per liter and 
that of Agl 1.23 X 10~ 8 mole per liter at room temperature. 
Assuming that there is no volume change when solid Nal is added 
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slowly to 1 liter of a solution which is .01 M in Pb 4+ and .01 M 
in Ag + : 

(a) At what concentration of 1“ will Agl first precipitate? 

(b) At what concentration of I~ will Pbl 2 first precipitate? 

(c) Which will precipitate first, Agl or PbX 2 ? 

(d) What will be the concentration of Ag + in the solution when 
Pbl 2 first starts to precipitate? 

(e) What is, therefore, the ratio of the concentration of Pb ++ 
to that of Ag + at this point? 

(f) When the concentration of Pb ++ has been reduced to half 
of its original value, what will be the concentration of X~? 

(g) Then what will the concentration of Ag + be at this concen- 
tration of Pb 4+ ? 

(h) What is then the ratio of the concentration of Pb 44 to that 
of Ag 4 at the point described in parts (f) and (g)? Compare with 
the answer to part (e). 

(i) When Agl and PbX 2 precipitate together, show from the 
solubility product constants that the concentration of the Ag 4 
is always proportional to the square root of the concentration of 
the Pb 44 under these conditions. 

(j) Why are the ratios found in parts (c) and (h) not the same, 
whereas similar ratios in Problem 31 were found equal? 

33. How many moles of AgAc will dissolve in a liter of a 
0.1 M HNO3 solution? (The H s .p. for AgAc is 4 X 10~~ 3 .) (Note 
that in the resulting solution the concentration of HAc (unionized) 
is approximately 0.1 M.) 

34. A solution contains .01 M Mg 44 and .05 M NH 4 C1. How 
much NH4OH must be added to 1 liter of this solution to begin 
the precipitation of Mg(OH) 2 ? 

35. How many grams of NH 4 C1 must be added to 50 ml. of 
0.2 M NH4OH to prevent the precipitation of Mn(OH) 2 when this 
solution is added to 50 ml. of .02 M MnCl 2 solution? 

36. If 50 g. of MgCl 2 and 50 ml. of 6 M NH 4 OH are added to 
enough water to make 1 liter of solution, how much NH4CI in 
grams must be added to this same solution to prevent precipitation 
of Mg(OH) 2 ? (Assume no volume change.) 

37. A solution is .01 ill in hydrogen ion and 0.1 AT with respect 
to acetic acid. Calculate the concentration of the silver ion, in 
moles per liter, that will be required to just start precipitation of 
silver acetate. 


CHAPTER V 
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POLYBASIC ACIDS — PRECIPITATION WITH HYDROGEN 

SULFIDE 

Polybasic acids are those acids the molecules of which 
have more than one replaceable hydrogen atom and there- 
fore dissociate to produce hydrogen ions in more than one 
step. Dibasic acids and tribasic acids, which are special 
classes of polybasic acids, have two and three replaceable 
hydrogen atoms respectively. Phosphoric acid, an example 
of a tribasic acid, dissociates to produce hydrogen ion in 
three steps, which are represented by the equations : 


h 3 po 4 

- EUPO4- + H+ 

( 1 ) 

h 2 po 4 - 

= HPO 4 - + H+ 

( 2 ) 

hpo 4 — 

= P0 4 — + H+ 

(3) 


The process represented by equation (1) takes place to a 
greater extent than either (2) or (3), and (2) to a greater 
extent than (3). The ions, H 2 P0 4 - and HP0 4 — , resulting 
from the dissociation of phosphoric acid, are likewise acids 
and the relative strengths of H 3 P0 4 and these ions as acids 
can be readily determined by a consideration of the three 
dissociation constants for phosphoric acid. The dissociation 
constant for the process represented by equation (1) is 
7.5 X 10~ 3 ; for the process represented by equation (2), 
6.3 X 10 — 8 ; and for (3), 3.6 X 10 -13 . A 0.1 molar solution 
of phosphoric acid dissociates according to equation (1) to 
the extent of about 25%, while the concentration of P0 4 
in this same solution produced by step (3) is only about 
10~ 18 molar. This small concentration of P0 4 — ion is the 
reason that most insoluble phosphates cannot be precipitated 
from phosphoric acid solution. 

Sulfuric acid, the commonest example of a dibasic acid, is 

129 
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100% dissociated into H+ and HSQ 4 - ions. The bisulfate ion, 
which dissociates according to the equation 

HSCh- = H+ + SO" (4) 

behaves like a weak acid. Its dissociation constant is very 
nearly 1 X 10~ 2 and in a 0.1 molar H 2 S0 4 solution the con- 
centration of the S0 4 “ is approximately .01 molar; i.e., 
about 10% of the HS0 4 - dissociates in sulfuric acid of this 
concentration. The bisulfate ion in a 0.1 molar solution of 
NaHS0 4 , on the other hand, dissociates to the extent of 
about 30%. The dissociation of the HS0 4 - in sulfuric acid 
solution is less than that in a solution of NaHS0 4 of the 
s am e concentration because the excess H+ has a common 
ion effect in the H 2 S0 4 solution and represses the ioniza- 
tion of the HSO4-. There are no polybasic acids which are 
100% dissociated in every step of the ionization. 

Two common examples of dibasic acids which are weak in 
both stages of ionization are hydrogen sulfide, H 2 S, and 
carbonic acid, H0CO3. 

The first stage in the dissociation of hydrogen sulfide 
produces hydrogen and bisulfide ions. 

H 2 S = H+ + HS- (5) 

The HS~ formed in this reaction in turn dissociates to form 
hydrogen ion and sulfide ion. 

HS- = H+ + S— (6) 

The equilibrium expression for the first stage (equation 5) is 

2M= KI =9XKH (7) 

and for the second stage, 


(H+) (S ) 
(HS-) 


K 2 = 1.2 x 10- 



It will be observed that the constant for the second stage 
of ionization is almost 10 s times smaller than that for the 
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first stage; the HS~ ion is a very much weaker acid than is 
H 2 S. The bisulfide ion is such a weak acid that of the 
amount formed by the dissociation of hydrogen sulfide only 
a very small fraction dissociates. For this reason, the con- 
centrations of the B> and HS~ ions are practically equal to 
each other in a solution of pure hydrogen sulfide. The con- 
centration of hydrogen sulfide in a solution saturated with 
the gas at 1 atmosphere pressure is very nearly 0.1 molar 
at room temperature, 25° C. With this information it is 
not difficult to calculate the concentration of both the hy- 
drogen ion and the bisulfide ion in a solution saturated with 
hydrogen sulfide. Since only a very small fraction of the 
hydrogen sulfide dissociates we may consider the concentra- 
tion of the undissociated portion of the hydrogen sulfide to 
be 0.1 molar (the amount which dissociates is negligible 
compared with 0.1). If we let X be the concentration of the 
hydrogen ion at equilibrium, X will also be the concentration 
of the bisulfide ion. We then have: 


(H+) (H8~) = Z! = 9 x 10 _ 8 
(H s S) 0.1 U 

X 2 = 9 X 10- 9 = 90 x 10- 10 

X = 9.5 X 10- 6 molar = (H+) 


9.5 X 10 -5 molar 


(HS-) 


If hydrogen ion is added to a saturated solution of hy- 
drogen sulfide, the concentration of the undissociated hydro- 
gen sulfide molecules will not be changed appreciably but 
the concentration of the bisulfide ion will be decreased and 
its concentration will be inversely proportional to the concen- 
tration of the hydrogen ion. The greater the concentration 
of the hydrogen ion, the smaller will be the concentration 
of the bisulfide ion. 

A calculation of the concentration of the sulfide ion 
involves the second stage of ionization. For a saturated 
solution of hydrogen sulfide, we have just calculated the 
concentration of the hydrogen ion and of the bisulfide ion 
to be 9.5 X 10~ s molar. Since the dissociation constant 
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for the second stage is so small, only a very small amount 
of the bisulfide ion dissociates; that is, the second dissocia- 
tion (equation 6) does not lower the concentration of the 
bisulfide ion appreciably. Its concentration may then be 
considered to be 9.5 X 10" 5 molar even after the second 
stage of dissociation has been taken into account. Like- 
wise, the amount of hydrogen ion produced by the second 
stage of ionization does not add appreciably to the hydrogen 
ion concentration produced by the dissociation of the H 2 S. 
Hence we may take the final equilibrium value of the hy- 
drogen ion concentration to be the same as that calculated 
for the first stage of ionization, namely 9.5 X 10~ 5 mole 
per liter. In other words, even after the second stage of 
ionization has been considered, the hydrogen ion and bi- 
sulfide ion concentrations are practically the same. We may 
then calculate the sulfide ion concentration: 


(H+)(S-) 

(HS-) 

9.5 X 10~ 5 (S— ) 
9.5 X 10~ 5 

(S-) 


1.2 X 10- 15 


= 1.2 X IO- 


CS — ) = 1.2 x 10~ 16 mole per liter 

Since the concentration of the hydrogen ion of the numerator 
in this expression cancels the bisulfide ion concentration of 
the denominator, the concentration of the sulfide ion is 
1.2 x 10~ 15 molar. It will be noted that this value will be 
the approximate concentration of the sulfide ion even though 
the solution may not be saturated with hydrogen sulfide, 
for even under these conditions the concentration of the 
hydrogen ion and the concentration of the bisulfide ion will 
be practically equal to each other and will cancel in the 
equilibrium expression, leaving the sulfide ion concentration 
still 1.2 x 10~ 15 molar. In fact, for any weak dibasic acid 
the concentration of the doubly charged anion is practically 
equal to the second ionization constant. 

The product of the equilibrium expressions for stages one 
and two of ionization (equations 7 and 8) is 
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I?! X If 2 = 9 X 10- 8 X 1 .2 X 1Q- 1S = 1 1 x 10- 22 = X r 


(H+) 2 (S-) 


= 1.1 x 10- 22 


This last expression cannot be used by itself to calculate 
both the concentration of the hydrogen ion and the sulfide 
ion in a solution which contains only hydrogen sulfide be- 
cause both the concentration of the hydrogen ion and the 
concentration of the sulfide ion are unknown quantities and 
two equations are necessary to solve for two unknowns. 
The other equation necessary would involve K x alone. If 
the hydrogen ion concentration is determined from K x alone, 
then the sulfide ion concentration may be determined from 
equations (8) or (11). 

Since a saturated solution of hydrogen sulfide in water 
is 0.1 molar with respect to the gas, we may write 


(H+) 2 (S-) 

0.1 


(H+) 2 (S — ) = 1.1 X 10- 23 = K 12 (sat.) (12) 


Equation (12) may be used when the hydrogen ion concen- 
tration of the saturated solution of H 2 S is known or calcu- 
lated from equation (7). 

When the hydrogen ion is added to the solution in the 
form of a strong acid then the sulfide ion concentration 
may be determined from equation (12), since the hydrogen 
ion concentration is now known from the amount of strong 
acid added; the amount produced by the dissociation of 
hydrogen sulfide is negligible. For example, suppose we 
wish to calculate the sulfide ion concentration in a saturated 
solution of hydrogen sulfide to which hydrochloric acid has 
been added to make the hydrogen ion concentration 0.1 
molar. Applying equation (12), we have 


(H+KHS-) 


(H+)(S-) 
* (HS-) : 


(H+) 2 (S- 

CHoS'l 


= Ki'kK 2 
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(H+) 2 (S — ) - (0.1) 2 (S — ) = 1.1 X 10-» 

(S — ) = L1 X 6 t— = 1.1 x 10- 21 

In the same way we may calculate the sulfide ion concen- 
tration for solutions of any hydrogen ion concentration. 
The concentration of the sulfide ion is thus inversely pro- 
portional to the square of the hydrogen ion concentration. 
If the hydrogen ion concentration is increased tenfold over 
tha t in any given case, the sulfide ion concentration will 
accordingly be decreased one hundredfold. The following 
table gives the sulfide ion concentration for different solu- 
tions containing hydrogen sulfide. For the sake of com- 
pleteness the table includes solutions of the sulfides for 
which calculations of the sulfide ion concentrations are 
considered in the next chapter on hydrolysis. 


TABLE 10 

CONCENTEATION OF THE SULFIDE ION IN 

Different Solutions 


Solution 

(S— ) 

(Molar Concentrations) 

0.1 molar H 2 S 

1 X 10- 15 

0.1 molar H 2 S and 0.001 molar H + ion 

1 X IQ- 17 

0.1 molar H 2 S and 0.01 molar H + ion 

1 x io- 19 

0.1 molar H 2 S and 0.1 molar H + ion 

1 x io- 21 

0.1 molar H 2 S and 1.0 molar H + ion 

1 x io- 23 

0.1 molar (NH 4 ) 2 S 

2 X 10- 7 

0.1 molar Na^S 

1 x io- 3 


Precipitation of the Sulfides. The concentration of the 
sulfide ion, in a solution saturated with hydrogen sulfide 
and which contains hydrogen ion in 1 molar concentration, 
has the exceedingly low value of about 1 X IO -23 mole per 
liter. Since there are 6 X 10 23 molecules in one mole, 
1 x IO -23 mole per liter corresponds to about 6 sulfide ions 


PRECIPITATION OF THE SULFIDES 135 

per liter. Yet when, this solution is added to one containing 
.001 mole of copper ion, Cu ++ , per liter, a black precipitate 
is formed immediately. It might seem inconceivable that 
such a small concentration of sulfide ions could cause this 
rapid precipitation of cupric sulfide, CuS, if the reaction 
mechanism were the simple combination between sulfide 
and cupric ions as represented by the equation, 

Cu++ + S-- = CuS (solid) (13) 

The concentration of the bisulfide ion in such a solution 
is very much larger than the concentration of the sulfide 
ion, and conceivably the bisulfide ion, HS~, could combine 
with the cupric ions, and hydrogen sulfide would be liberated 
in such a way that the final result would be 

2HS- + Cu++ = CuS (solid) + H 2 S (14) 

In fact, it is not out of the question that an unstable inter- 
mediate compound, Cu(HS) 2 , could be formed which im- 
mediately breaks down to form CuS and H 2 S. Such processes 
are known in the formation of oxides by precipitation. For 
example, when a solution of silver nitrate is added to one of 
sodium hydroxide, there results a dark brown precipitate of 
silver oxide, Ag 2 0. If the solutions used are dilute, a yellow- 
brown precipitate is first observed, very probably AgOH, 
and this changes to the brown precipitate of silver oxide 
with the loss of water, 

2AgOH = Ag 2 0 + H 2 0 (15) 

Likewise, cupric hydroxide, Cu(OH) 2 , a blue precipitate 
formed by the addition of a sodium hydroxide solution to 
one containing cupric ion, such as a copper sulfate solution, 
slowly changes to black cupric oxide, CuO, when the pre- 
cipitate is heated to 100° C. 

Cu(OH) 2 = CuO + H 2 0 (16) 

Sulfur and oxygen are in the same group in the periodic 
system, and hydrogen sulfide is therefore the analogue of 
water. Since hydrogen sulfide dissociates in two steps to 
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give sulfide ions, so water undoubtedly does the same to 
give the oxide ion, 0— ion, but since we have no means of 
measuring the oxide ion concentration, we have neglected 
it entirely. The oxide ion must be present at extremely 
low concentration, much lower than that of the sulfide ion 
in water solution. In view of these considerations it would 
not be surprising if we found that in the case of the pre- 
cipitation of a sulfide the unstable hydrosulfide first formed 
and the breakdown of this to the sulfide and hydrogen 
sulfide then occurred. 

The mechanism of the formation of a sulfide precipitate, 
or any precipitate for that matter, is immaterial in our 
calculations or reasoning involving the solubility product 
principle. We always assume that equilibrium is main- 
tained, and when such is the case, the concentrations of the 
substances left in solution are those calculated by this prin- 
ciple, provided of course that the data upon which the 
calculations are based (solubility product constants) are 
correct. The precipitation of a given sulfide will take place 
for a given sulfide ion concentration even though this sulfide 
precipitate is not formed directly from its ions. The equi- 
librium involving a relatively insoluble salt in solution 
behaves as though the reaction takes place directly between 
its ions, regardless of what intermediate compounds may 
be formed. Equilibrium has to do only with the final result 
and not with the means by which the result is obtained. 

The Separation of Sulfides into Groups. If the concen- 
tration of the sulfide ion in a solution containing some 
metal ion, Me ++ , is so small that the product, (Me ++ )(S — ), 
does not exceed the solubility product constant for the 
metallic sulfide, then no precipitate will be formed. On the 
other hand, if the sulfide ion concentration is such that this 
product exceeds the solubility product constant, then a 
precipitate will appear providing (1) that a supersaturated 
solution is not formed and (2) that the amount of the 
metallic ion in the solution is sufficiently great to give a 
visible effect. The lower limit of the concentration of the 
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metallic ion necessary to give a visible amount of precipitate 
is about 10 -4 molar. The largest concentration of hydrogen 
ion which can be used conveniently in analysis is about 
1 molar. This concentration of hydrogen ion in a saturated 
solution of hydrogen sulfide, as we have seen (see Table 10), 
provides a sulfide ion concentration of about 10- 23 molar. 
Any sulfide of a bivalent metallic ion for which the solubility 
product constant is smaller than the product (10 -4 X 10~ 23 
= 10“ 27 ) should be precipitated in barely detectable amounts 
in a solution which is 1 molar in hydrogen ion. By referring 
to the table of solubility product constants for some of the 
sulfides given in the Appendix, it will be observed that the 
sulfides of cadmium, copper, lead and mercury are included 
in this group. Other sulfides with greater solubility product 
constants require a greater sulfide ion concentration, hence 
a smaller hydrogen ion concentration, to bring about pre- 
cipitation. The sulfides are then divided into tw r o groups, 
(1) those which precipitate in acid solution and (2) those 
which precipitate in solutions of low hydrogen ion concen- 
tration. In practice one group is often precipitated in acid 
solution and filtered, the other group is precipitated by 
hydrogen sulfide after neutralizing the solution and making 
it alkaline. This last procedure then increases the sulfide 
ion concentration sufficiently to precipitate all sulfides that 
were not precipitated in the acid solution. 

In practically all cases the precipitation of a metallic sul- 
fide requires a much smaller H+ ion concentration (larger 
S _ ” concentration) than is necessary to dissolve the already 
precipitated sulfide. This may be explained on the basis 
that the solubility of very small or incipient crystals is 
greater than that for large crystals. When precipitation 
sets in, the very small crystals must be formed first and the 
solubility product for these is greater than for the fully 
grown crystals. Therefore to effect precipitation the sulfide 
ion concentration must be somewhat greater than that cal- 
culated from the constants given in the Appendix, since 
these constants apply to the stable large crystals. 
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The Precipitation of Ferrous and Zinc Sulfides. If to a 
solution which is 0.1 molar with respect to both ferrous, 
Fe++, and zinc, Zn ++ , ions, acetic acid is added until its 
concentration is approximately 0.1 molar, and then hydrogen 
sulfide is passed into this solution, a white precipitate of zinc 
sulfide will be formed. Under these conditions ferrous sul- 
fide, FeS, which is black, is not precipitated. The hydrogen 
ion concentration of a 0.1 molar acetic acid solution is 
approximately 10 -3 molar. From equation (12) we calculate 
the sulfide ion concentration to be about 10~ 17 molar. Since 
precipitation occurs we may now conclude that the solubil- 
ity product constant for zinc sulfide, ZnS, is less than 
10 _1 X 10~ 17 or 10~ 18 . Since the ferrous sulfide does not pre- 
cipitate under these conditions we might conclude that the 
solubility product constant for ferrous sulfide is greater than 
10- 1S . However, we should not be entirely justified in this 
conclusion for (1) a supersaturated solution may form and 
(2) the solubility product is different for the first formed 
small crystals. The value given in the tables is usually 
determined for large crystals. As a matter of fact, the 
solubility product constant given in the tables (see the 
Appendix) for ferrous sulfide (4 X 10~ 19 ) is slightly smaller 
t han 10- 18 . The data from which we made our calculation 
may be in error by this small amount (a factor of about 2) 
or the effects of supersaturation and small crystals may 
play a significant role here. 

If sodium acetate is added to the solution considered 
above, a black precipitate of the ferrous sulfide is obtained. 
The effect of the addition of sodium acetate is to lower the 
concentration of the hydrogen ion through the formation 
of the weak acetic acid. 

H+ + Ac- = HAc 

Lowering the hydrogen ion concentration raises the sulfide 
ion concentration to a point sufficient to cause the precipita- 
tion of ferrous sulfide. The same result could have been 
achieved by the addition of either sodium hydroxide or 
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ammonium hydroxide. The hydroxide ion is even more 
effective than the acetate ion in reducing the hydrogen ion 

concentration. 

When any metallic sulfide is precipitated with hydrogen 
sulfide the hydrogen ion concentration in the solution is in- 
creased during the course of the reaction. 

H 2 S + Me++ = MeS w + 2H+ (17) 

This increase in hydrogen ion concentration may become 
great enough to render the precipitation incomplete. How- 
ever, if hydroxide ion, acetate ion, ammonium hydroxide, 
or any ion or molecule which combines with hydrogen ion, 
is present in the solution the reaction proceeds readily with 
the formation of the sulfide, MeS. 

While a 10~ 4 molar solution of the metallic ion is the 
approximate limit of visibility of a precipitate, yet this is 
not the lower limit of concentration which will discolor some 
other precipitate which might be formed. For example, if 
zinc sulfide, which when pure is white, is precipitated from a 
solution which contains only a slight trace of ferrous ion, 
the resulting precipitate will be gray. In fact, zinc sulfide 
seldom appears pure white when other ions are also in the 
solution. The small amount of ferrous sulfide which gives 
rise to the gray color may be prevented from precipitating 
by dissolving the gray precipitate in acetic acid and diluting 
to about 0.1 molar and again adding hydrogen sulfide. The 
presence of the hydrogen ions from the acetic acid lowers 
the sulfide ion concentration to a value which will prevent 
the formation of ferrous sulfide and the zinc sulfide will now 
appear white. 

The precipitation of zinc sulfide and ferrous sulfide have 
been discussed here in order to show the important r61e 
that the hydrogen ion concentration plays in the precipita- 
tion of sulfides. The solubility product constants of copper 
and mercuric sulfides are so small that the hydrogen ion 
concentration cannot be increased sufficiently to prevent 
precipitation. Any sulfide which precipitates from acid 
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solutions will of course precipitate from alkaline solutions 
for which the hydrogen ion concentration has a smaller, 
and the sulfide ion concentration a larger value. 

Carbonic Acid and the Precipitation of the Carbonates. 
The ionization of carbonic acid in two steps is entirely 
analogous to the ionization of hydrogen sulfide. These two 
steps are represented by the equations: 

HoCCh = H+ + HCCh- (18) 

and 

HCOs- = H+ + C0 3 — (19) 

The bicarbonate ion, like the bisulfide ion, is a very much 
weaker acid than the acid from which it is derived. The 
dissociation constants for carbonic acid, however, are some- 
what larger than the similar constants for hydrogen sulfide. 

(H + )(HCOr) . 10 _ 7 (O0) 

(H 2 CO 3 ) " X ( U) 

and 

atggfc) = 7.0 x io -u pi. 

By multiplying equation (20) by equation (21), we obtain 


= 7.0 X 10- 11 


(H+)(HCOr) 

(H2CO3) 

Therefore, 


(H + ) (CO3 
(HCO3-) 


(H>) 2 (C0 8 -j 

(H 2 C0 3 ) 


(H+) 2 (C0 3 -) 

“ (H 2 C0 3 ) 

= 3.5 X 10- 7 X 7.0 X 10- 11 
= 2.5 X 10- 17 (22) 


A saturated solution of carbon dioxide in water at 1 at- 
mosphere pressure and at 25° C contains about .034 mole 
per liter. Since in this solution such a small fraction of the 
acid dissociates, the undissociated portion is present at very 
nearly the same concentration, i.e., .034 molar. Since the 
second stage of ionization occurs to an extremely small 
extent, it may be neglected in calculating the concentration 
of the hydrogen ion or the concentration of the bicarbonate 
ion. If X is the concentration of each of these ions then, 
according to equation (20), 
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(H+XHCO,-) X 2 

(H 2 CO 3 ) .034 ~ 


X 10- 7 


X 2 = 11.9 X 10- 9 = 1.19 x 10-® 


X = 1.1 X 10- 4 mole per liter = (H+) = (HC0 3 -) 


In calculating the carbonate ion concentration in such a 
solution from equation (21), we observe that since the hy- 
drogen ion and bicarbonate ion concentrations are very 
nearly the same, they cancel in this expression and the 
carbonate ion concentration is equal in value to the second 
ionization constant, namely, 7 x 10~ u mole per liter. 

The insoluble carbonates differ markedly from the sulfides 
in the magnitude of their solubility product constants; the 
solubility product constants for the most soluble of the so- 
called insoluble sulfides are considerably smaller in magni- 
tude than those for the least soluble of the carbonates. 
Whereas most of the sulfides can be precipitated by the addi- 
tion of hydrogen sulfide to solutions of their salts, this is not 
the case for any of the carbonates. They cannot be pre- 
cipitated by the direct addition of carbon dioxide gas 
to solutions containing the appropriate metal ions. The 
product of the concentrations of the carbonate ion and the 
metal ion in such solutions is not as large as the solubility 
product constants of the respective carbonates. From an 
inspection of the values of the solubility product constant of 
lead carbonate it might appear that it could be precipitated 
from a solution containing lead ions by the direct addition of 
carbon dioxide gas, but the salts of this metal hydrolyze 
(subject to be considered in the next chapter) sufficiently 
to give an appreciable hydrogen ion concentration, which 
in turn lowers the carbonate ion concentration. Just as in 
the case of hydrogen sulfide where an increase in the hy- 
drogen ion concentration is accompanied by a decrease in 
the sulfide ion concentration, so in this case increasing the 
hydrogen ion concentration decreases the carbonate ion con- 
centration. 

The insoluble carbonates can then be precipitated only 
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when the carbonate ion concentration is increased. This 
may be easily brought about by lowering the hydrogen ion 
concentration through the addition of a base. As a matter 
of fact, carbonic acid is not used for the precipitation of the 
carbonates but rather solutions of soluble carbonates such as 
sodium carbonate or ammonium carbonate, in which the 
concentration of the carbonate ion is relatively high. In 
qualitative analytical procedures these soluble carbonates 
are used to precipitate CaC0 3 , SrCOa and BaC0 3 . 


EXAMPLES OF PROBLEMS INVOLVING POLYBASIC ACIDS 
AND SULFIDE PRECIPITATION 

j Example 1. 

Calculate the CO* -- concentration in a solution which is 0.1 
molar in HC1 and saturated with C0 2 at 1 atmosphere. In this 
solution the solubility is practically the same as that in water, 
namely .034 molar. 

Since HC1 is a strong acid the H+ concentration is 0.1 M. The 
increase in this concentration because of the dissociation of H 2 C0 3 
is negligibly small and may be left out of consideration. 


(H+) 2 (C0 3 — ) 
(H 2 C0 3 ) 

(0.1) 2 (CO 3 — ) 
.034 


= 2.5 X 10~ 17 


= 2.5 X 10-" 


(C0 3 — ) = - 034 = 8.5 X 10- 17 M 


Example 2. 

Calculate the (H + ) necessary to give a (S ) of 1 X 10 -18 molar 
in a saturated solution of hydrogen sulfide. H 2 S is soluble to the 
extent of 0.1 M. 


(H + ) 2 (S ) 
(H 2 S) 


1.1 X 10~ 22 


(H+) 2 X 1 X 10- 18 

0.1 


1.1 X io- 22 


(H+) 2 = 1.1 X 10- 6 = 11 X 10“* 
(H+) = 3.3 X 10~ 3 M 
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Example 3. 

Calculate the minimum (H + ) necessary to prevent precipitation 
of ZnS when a .01 M ZnCl 2 solution is saturated with H 2 S. The 
Ks.v. for ZnS = 1.2 X 10 -23 . 

The (S“ ) below which no precipitation of ZnS takes place can 
be calculated from the solubility product constant. 

(Zn++)(S— ) = .01 X (S— ) = 1.2 X 10~ 23 
OS-') = 1.2 X 10~ 21 M 

The (H+) which will be in equilibrium with this (S— ) may be 
obtained from the expression 


(H+) 2 (S— ) _ (H+) 2 X 1.2 X 10~ 21 


(H 2 S) 

(H+) 2 


0.1 

1.1 X 10- 23 


= 1.1 X 10- 


= 0.92 X 10- 2 


1.2 X 10“ 21 

(H+) = 0.96 X 10 _l = .096 mole/liter, or about 0.1 M 
Example J+. 

A solution contains .02 mole of Cd++ ion, .02 mole of Zn++ ion, 
and 1 mole of HC1 per liter, and is saturated with H 2 S at room 
temperature. 

(a) What is the concentration of the S — ion in this solution? 

(b) Will CdS precipitate? 

(c) Will ZnS precipitate? 

Since the solubility of H 2 S in the solution is 0.1 M then we may 
write 

(H + ) 2 (S ) __ (H + ) 2 (S ) _ , 

(H 2 S) ~ 0.1 ~ x 

or (H+) 2 (S— ) = 1.1 X IQ" 23 

If the (H + ) is 1 M, then 

(1) 2 (S ) = 1.1 X lO" 23 and (S“) = 1.1 X 10~ 23 M 

If precipitation of both sulfides takes place, then at equilibrium 
the reactions are 

CdS ( „ = Cd++ + S— 

ZnS ( „ = Zn++ + S— 

The solubility product expressions are respectively 

(Cd++)(S— ) = 1 X 10- 23 
(Zn++)(S— ) = 1.2 X 10"“ 


mi 
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In the case of CdS, the ion product, (.02) (1.1 X 10" 23 ) = 2.2 
X 10 -25 , is greater than the solubility product constant, so CdS 
precipitates. On the other hand, the ion product for ZnS, 
2.2 X 10~ 26 , is less than the solubility product constant, so ZnS 
does not precipitate. 


Example 5. 

Calculate the concentration of the P0 4 ion in a 0.1 AT solu- 

tion of H3PO1. 

The H3PO4 ionizes in three stages, as follows: 

H 3 PO 4 = H+ + H 2 PO 4 - (1) 

H 2 P0 4 - = H+ + HPO 4 — ( 2 ) 

HPO 4 — = H+ + PO 4 (3) 


The eq uili brium expressions for the three stages of ionization are 
respectively 


(H+)(H 2 P04-) 

(H 3 P0 4 ) 

(H+XHP04— ) 
(H 2 P0 4 -) 


= Kj, = 7.5 X 10- 3 
= K l2 = 6.3 X 10- 8 


(H + )(PQ 4 ) 

(HP04— ) 


Kj, = 3.6 X 10- 13 


First calculate (H+) and H 2 P0 4 - ) from the first stage of ioniza- 
tion. 

H s P0 4 = H+ + HJPO 4 - 
Concentrations: 0.1 — X X X 


Therefore 


(H+)(H 2 P0 4 -) 

(H 3 PO 4 ) 



= 7.5 X lO" 3 


Since the ionization constant is relatively large, X cannot be neg- 
lected in the denominator. Therefore 


X 2 = 7.5 X 10- 3 (0.1 - X) = 7.5 X lO" 4 - 7.5 X 10“ 3 X 
or X 2 + 7.5 X 10- 3 X - 7.5 X 10~ 4 = 0 

Solution of the quadratic equation gives X = 2.4 X 10 -2 M 
= (H+) = (H 2 P0 4 -) 

Now calculate the (HP0 4 ) from, the second stage of ionization. 

H 2 P0 4 - = H+ 4- HPOr- 

Concentrations: (2.4 X 10" s - X) (2.4 X 10~ 2 + X) X 
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Therefore 

( H+)(HP0 4 — ) (2.4 X 1Q~ 2 + Z)(X) 
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(H 2 POr) 


(2.4 X 10~ 2 - X ) 


= 6.3 X 10- 8 


Since the ionization constant is small, the value of X is negligible 
as compared with 2.4 X 10~ 2 ; consequently, X may be neglected 
when it is subtracted from or added to this number. Then 

X = (HPO 4 — ) = 6.3 X IQ- 8 M 
Finally calculate (PO 4 ) from the third stage of ionization. 

HPO 4 — H+ + PO 4 — 

Concentrations: (6.3 X 10~ 8 - X) (2.4 X 10 -2 + X) X 
Therefore 


(H+XPO*--- ) _ (2.4 X 10- 2 + X)(X) 
(HPO 4 — ) (6.3 X 10~ 8 - X) 


3.6 X 10~ 13 


Again neglecting X in comparison with 2.4 X 10 -2 and with 
6.3 X 10~ 8 on the basis of the extremely small value of the ioniza- 
tion constant (3.6 X 10~ 13 ), the expression becomes 


(2.4 X 1CT 2 )(X) 
(6.3 X 10~ 8 ) 


3.6 X 10~ 13 


X 


(3.6 X 10~ 18 ) (6.3 X 10~ 8 ) _ 


(2.4 X 10- 2 ) 


= 9.5 X 10- 11 


Therefore X = (PO 4 ) = 1 X 10 -18 M. The concentration of 

the PO4 ion in a 0.1 M solution of H3PO4 is approximately 

1 X 10- 18 M. 


Example 6. 

To 50 ml. of 0.11 M CdSO« solution is added 5 ml. of 3 M HC1 
solution. The mixture is then saturated with H 2 S at room tem- 
perature and CdS is found to precipitate. What is the concen- 
tration of the Cd ++ ion left in solution? (Do not neglect the (H + ) 
produced by the reaction.) 

Before precipitation the (Cd ++ ) has a value of X 0.11 or 
0.1 M. The (H + ) is ^ X 3 or 0.28 M. The reaction which takes 
place as the CdS precipitates is 


Cd++ + H 2 S = 




CdS ( .) + 2H+ 
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s. 'I 


Since the reaction proceeds practically to completion, the increase 
in the (H + ) during the course of the reaction is 0.2 M. Thus, the 
total (H + ) in the solution when equilibrium is reached is 

0.28 M + 0.2 M or 0.48 M. In a solution of this (H + ), satu- 
rated with H 2 S, the (S ) is 

(H + ) 2 (S ) - 1.1 X 10- 23 
(0.48) 2 (S ) - 1.1 X 10" 23 
(S— ) = 4.8 X 10~ 23 M 

Since the Cd ++ ion is in equilibrium with the S ion, 

(Cd++)(S— ) = i£s.p. = 1 x 10" 28 
(Cd ++ ) (4.8 X 1G“ 23 ) = 1 X 10” 28 

(Cd++) = 2.1 X 10- 6 M 

Therefore, the (Cd ++ ) left in solution is 2.1 X 10“ 6 mole/liter. 



QUESTIONS AND PROBLEMS 

1. In what respect is sulfuric acid to be regarded as a strong 
acid and in what respect as a weak acid? 

2. Explain without calculation why zinc sulfide cannot be 
precipitated from a solution which is 1 molar with respect to H + 
while copper sulfide can. 

3. Is it necessary that we know the mechanism or steps by , 
which a given reaction takes place in order to apply the Law of 
Mass Action to an equilibrium involving this reaction? 

4. How could you precipitate ZnS from a solution containing 
Zn ++ and Fe ++ without precipitating FeS? 

5. Why cannot insoluble carbonates be precipitated from solu- 
tion by C 0 2 or H2CO3 in a way that is analogous to the precipita- 
tion of the sulfides by H 2 S? 

6. Explain why it is not possible to precipitate slightly soluble 
phosphates from solution with phosphoric acid. 

7. Explain why BaCOs dissolves in dilute HC1 solution while 
BaS0 4 does not. 

8. What is the concentration of the C 2 0 4 — ion in a 0.1 M 
H2C2O4 solution? Will such a solution precipitate MgC 2 0 4 if 
MgCl 2 is added to make the solution 0.1 M with respect to Mg^ 
ion? (Note: in the H 2 C20 4 solution the concentration of the H + 
Ion is practically the same as that for the HC 2 0 4 ~ ion.) 
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9. What is the concentration of the S ion in a solution 
saturated, with H 2 S at one-half atmosphere pressure and room 
temperature? What is the concentration of the H + ion in this 
solution? (The solubility of a gas is proportional to the saturation 
pressure — Henry's Law.) 

10. What is the H + concentration in a water solution of H 2 CO s 
saturated with C0 2 at a pressure of 500 pounds per square inch 
(34 atmospheres) ? (A solution saturated with C0 2 at 1 atmosphere 
pressure at the same temperature contains .034 mole C0 2 per liter. 
Assume Henry's Law applies.) 

11. Calculate the concentration of the H + ion in the following 
solutions. Neglect all but the first step of ionization. 

(a) 0.1 M H2CO3 (f) 0.03 M H 2 Te0 4 

(b) 0.01 M H2CO3 (g) 0.2 M CICH2COOH 

(c) 0.01 M H 2 S (h) 0.1 M H 3 PO 4 

(d) 0.04 M H3BO3 (i) 0.1 M H2C2O4 

(e) 0.02 M HsAsOs 

(Use quadratic equation for problems (h) and (i). See page 
478 of the Appendix.) 

12. Solutions of HC1 are saturated with H 2 S. From the total 
H + ion concentrations given below, calculate the corresponding 
S — ion concentrations. 

H + concentration 

(a) 1 X 10- 4 M (d) 1 X 10- 1 M 

(b) 1 X 10~ 3 M (e) 1 M 

(c) 1 X 10~ 2 M 

13. Plot the results of problem 12 using (H + ) as ordinates and 
(S"“) as abscissae. It may be convenient to save this plot for 
future reference. 

14. Five ml. of 6 M HC1 is added to 100 ml. of a solution con- 
taining 1 g. ZnS0 4 and 1 g. CdS0 4 , and the solution is saturated 
with H 2 S at room temperature. 

(a) What is the concentration of the H+ ion before H 2 S is intro- 
duced? 

(b) What is the concentration of the S — ion after the solution 
becomes saturated with H 2 S? 

(c) Will CdS precipitate? 

(d) Will ZnS precipitate? 

(e) Explain your conclusions in detail. 
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15. Ammonium sulfide is gradually added to a solution which 
is 0.1 M in Cd ++ ion and 0.1 M in Zn ++ ion. Calculate the con- 
centration of the Cd ++ ion when ZnS begins to precipitate. 

16. To 100 ml. of a hot .03 M solution of PbCl 2 is added 5 ml. 
of 6 M HC1 solution. When the resulting solution is saturated with 
H 2 S, PbS precipitates. How many moles of Pb _H “ ion are left 
in solution after it has cooled to room temperature? (Do not 
neglect the H + ion produced by the reaction.) 

17. Hydrogen sulfide is added to separate solutions containing 
50 mg. each of the following positive ions in 1 liter of solution. 
W T hat is the S ion concentration when precipitation begins? 

(a) Cu++ (b) Pb++ (c) Zn++ (d) Hg++ (e) Cd++ 

18. A quantitative determination of zinc as ZnS is to be made. 
What must be the maximum concentration of the H + ion in the 
solution if no more than 0.3 mg. of Zn 4 ^ ion is to be left in a 
100 ml. sample of the solution when saturated with H 2 S? 

19. Calculate the S ion concentration in a 0.1 M acetic acid 
solution which is saturated with H 2 S. 

20. Calculate the approximate concentrations of the following 
ions in a .05 M solution of phosphoric acid. 

(a) H 4 * (b) H 2 POr (c) HPCh— (d) P0 4 

21. Ten ml. of 3 M HC1 is added to 200 ml. of a solution con- 
taining .05 mole of CuS0 4 and .05 mole of CdS0 4 , and the solution 
is saturated with H 2 S at room temperature. Both CuS and CdS 
precipitate. How many moles of Cu ++ ion and of Cd ++ ion are 
left in solution? (Do not neglect the H 4- ion produced by the 
reactions.) 

22. Calculate the concentration of the Kg 4 ** ion in a saturated 
solution of HgS. How many Eg* 4 " ions per 100 liters of the 
saturated solution does your answer represent? (Use Avogadro’s 
number in making this calculation.) 

23. What must be the concentration of a HC1 solution to dis- 
solve .01 mole of ZnS in a liter of the solution? 

24. What must be the concentration of a HC1 solution to dis- 
solve .01 mole of CuS in a liter of the solution? Would it be 
possible to dissolve the CuS under these conditions? 

25. One-tenth mole of Na 2 S0 4 and 0.1 mole NaHS0 4 are added 
to enough water to make 100 ml of solution. What is the H+ ion 
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concentration in this solution? HS0 4 ~ ion is a weak acid with a 
dissociation constant equal to .01. 

This solution is then made .02 M with respect to each of the 
ions, Zn++, Co++, and Ni++. It is then saturated with H 2 S. Show 
by calculation that all three sulfides should precipitate. In prac- 
tice only ZnS precipitates under these conditions. This is due to 
the fact that the rate of precipitation of ZnS is rapid whereas the 
rate of precipitation of CoS and of NiS is slow. 


CHAPTER VI 


THE IONIZATION OF WATER — HYDROLYSIS 



The Equilibrium between Water and Its Ions. Water is 
often regarded as a non-conductor of electricity. When the 
instruments used in measuring conductance are not ex- 
ceedingly sensitive and when the voltage used is not exceed- 
ingly high, pure water shows no appreciable conductance. 
Very sensitive instruments, however, show that pure water 
actually does conduct electricity to a very small extent. 
This conductance is due to the dissociation of a very small 
fraction of the water molecules into hydrogen and hydroxide 
ions, and in pure water the concentrations of these ions must 
be identical. Therefore, water may be regarded both as an 
acid and as a base. 

Since water is the medium in which all electrolytes are 
dissociated and since water solutions are by far the most 
commonly occurring solutions in chemistry, the equilibrium 
between water and its ions is one of the greatest importance 
in all phases of chemistry that deal with solutions, not only 
in qualitative analysis but particularly in the chemistry of 
all plant and animal systems. 

The reaction representing the equilibrium between water 
and its ions is 

H 2 0 = H+ + OH- (1) 

If we followed the previously discussed rule regarding 
equilibrium constants, we would write the equilibrium ex- 
pression for the reaction 

(H+XOH-) r „ 

(H 2 0) “ K 

But the concentration of the hydrogen and hydroxide ions 
is so small in comparison with the large concentration of 
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undissociated molecules that, for all practical purposes, the 
concentration of the undissociated molecules (denominator 
of above expression) may be regarded as a constant. One 
liter of water contains 55.5, i.e., J^ao, moles of water, and if 
this concentration should vary as much as 0.1 of a mole in 
any given reaction, the change in the concentration of the 
water molecules, (H 2 0), would be negligible. Suppose, for 
example, that 0.1 mole of water was used up by some reaction 
which also involved this equilibrium. The amount of water 
left in the original 1 liter of solution, after the reaction was 
completed, would now be 55.4 moles instead of 55.5 moles. 
The difference between these two values is less than 0.2% 
and for all practical purposes we may regard the concen- 
tration of the undissociated water molecules as not having 
changed, i.e., (H 2 0) is constant. 

We may, therefore, write 

(H+)(OH-) = K( H 2 0) 

(H+) (OH - ) = K X constant 
(H+)(OH-) = K w (2) 

where K w = K X constant = K( H 2 0). K w is known as the 
dissociation constant of water. It has a value of 1 X 10 -14 
at room temperature. This means that for pure water 

(H+)(OH-) = 1 x 10- 14 
and 

(H+) = (OH~) = 1 X 10 -7 mole per liter 

The equilibrium existing between water and its ions (not 
the value of the equilibrium constant) can be shifted or 
changed 

(1) by the addition of hydroxide ions in the form of a base 
or by the addition of hydrogen ions in the form of an acid, or 

(2) by the removal of hydrogen ions or hydroxide ions 
through the addition of some other substance. 

Let us co nsi der the equilibrium between water and its 
ions (equation 1) and reiterate what is meant by shifting an 
equilibrium. By increasing the concentration of any of the 
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substances on the right side of the equation, hydrogen ion 
or hydroxide ion, the equilibrium is shifted to the left. The 
equilibrium cannot be shifted to the right by increasing the 
concentration of the substance on the left for there is no 
way in which we can increase the concentration of water. 
The water molecules are already as close together as it is 
possible for them to be. By decreasing the concentration 
of either the hydrogen ion or the hydroxide ion, however, 
the equilibrium is shifted to the right. 

Suppose some sodium hydroxide is added to pure water. 
This increases the concentration of the hydroxide ion with 
the final result that the hydrogen and hydroxide ions are 
still in equilibrium with each other, but the conditions of 
equilibrium are not the same as those existing in pure water. 
Strictly speaking, we should not say that the equilibrium is 
changed, for in the end condition there is still an equilibrium 
involving the same substances and the value of the equilib- 
rium constant remains the same, but the conditions of equilib- 
rium are changed. During the change in the conditions of 
equilibrium it is necessary that the concentration of the 
hydrogen ion decrease because the concentration of the 
hydroxide ion increases. The only way that the concentra- 
tion of the hydrogen ion can decrease is by the combination 
of the hydrogen ions with some of the hydroxide ions to form 
water. In other words, the equilibrium under these condi- 
tions shifts from right to left to establish the new conditions. 
The original concentrations of the hydrogen and hydroxide 
ions were each 10~ 7 molar before the extra hydroxide ions 
were introduced. If the final concentration of the hydroxide 
ions, after equilibrium was reestablished, was 10- 5 molar, 
i.e., 100 times larger, then the final concentration of the 
hydrogen ion must be 10~ 9 molar or 100 times smaller than 
originally. Thus, under these new conditions, 

(H+)(OH-) = 10~ 9 x 10- 5 = 10-“ 

The concentration of the hydrogen ion is always inversely 
proportional to the concentration of the hydroxide ion. If 
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one is increased tenfold, the other must be decreased tenfold ; 
if one is increased fiftyfold, the other must be decreased fifty- 
fold of the original concentration. In no case does the con- 
centration of either the hydroxide ion or the hydrogen ion 
become zero, because the Law of Mass Action would then 
require the concentration of the other ion to be infinite. 
The concentration of the hydrogen ion in a 1 molar solution 
of sodium hydroxide is about 10~ 14 molar. Lik ewise, the 
concentration of the hydroxide ion in a .01 molar solution 
of hydrochloric acid is 10~ 12 molar. 

In the process of removing one of the ions of water by the 
addition of some other substance, new conditions of equilib- 
rium are established by the dissociation of water to produce 
more ions and the equilibrium is shifted to the right (equa- 
tion 1). It is with this process of partial removal of one of 
the ions of water that we are concerned in the problem of 
hydrolysis. 

Hydrolysis. To understand better the process of hy- 
drolysis let us consider this same equilibrium from a kinetic 
standpoint. In the equilibrium 

H 2 0 = H+ + OH- 

we may regard the reaction proceeding from left to right, as 
taking place through collisions of water molecules with each 
other. In the reverse reaction it is necessary that hydrogen 
ions and hydroxide ions collide with each other to react 
and form water molecules. At equilibrium both processes 
are proceeding at the same rate; as much water forms as 
dissociates. Now if it were possible to capture and remove 
a large part of the hydrogen ions as fast as they are formed, 
how would this equilibrium be affected? Water molecules 
would continue to dissociate at the same rate as they did 
previously, and since under these conditions the hydroxide 
ions could find fewer hydrogen ions, the reverse reaction 
would be blocked and the hydroxide ions would increase in 
concentration. 

There are substances which capture hydrogen ions and 
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thereby cause an increase in the hydroxide ion concentra- 
tion. The negative ion of any weak acid is a captor of 
hydrogen ions since a weak acid is formed. This process of 
capture does not go on indefinitely, for evidently the weak 
acid will itself dissociate to some extent to give hydrogen 
ions and a negative ion, eventually feeding hydrogen ions 
back into the medium at the same rate at which they are 
removed. The net result is that some hydrogen ions are 
removed and the number of hydroxide ions is increased. 

This is the process taking place in hydrolysis. Let us 
consider a specific case, that of adding sodium acetate to 
water. The acetate ions, Ac - , from sodium acetate capture 
some of the hydrogen ions from water to form weak acetic 
acid molecules. 


H 2 0^ 


H+ 

+ 

Ac~ 


+ OH- 



HAc 

The acetic acid molecules dissociate to give back hydrogen 
ions, but a great number have been effectively removed 
from the medium and as a consequence the concentration of 
the hydroxide ion is increased. Another way of expressing 
this is: when acetate ions are added to the solution both 
acetate and hydroxide ions are competing for the hydrogen 
ions and therefore the concentration of the hydrogen ion is 
lowered. Reasoning on the basis of the equilibrium expres- 
sion for water, the hydroxide ion concentration must be 
increased if the hydrogen ion concentration is decreased. 

Similarly, the hydroxide ion may be captured, thereby 
increasing the concentration of the hydrogen ion. Am- 
monium ion, NH 4 +, is a captor of hydroxide ions. Any salt 
of ammonium hydroxide, such as ammonium chloride, am- 
monium sulfate, or ammonium nitrate, when added to water, 
will hydrolyze to produce a small amount of NH 4 OH and 
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give an acid solution. It follows then that salts of weak 
acids and strong bases give alkaline solutions (OH- ions in 
excess) and salts of strong acids and weak bases give acid 
solutions (H+ ions in excess). 

Salts of strong acids and strong bases do not hydrolyze. 
The ions of these salts do not have the ability to capture 
either hydrogen ions or hydroxide ions. To illustrate this 
point let us consider a solution of sodium chloride which is a 
salt of a strong acid (HC 1 ) and a strong base (NaOH). In 
this solution neither the sodium ion nor the chloride ion 
has any tendency to capture either the hydrogen ion or the 
hydroxide ion, for both HC1 and NaOH in solution are 100% 
ionized. The salts of weak acids and weak bases hydrolyze 
to a relatively large extent, capturing both the hydrogen 
ion and the hydroxide ion, and their solutions will be either 
basic or acidic depending upon which is the weaker, the 
acid or the base formed in the hydrolysis process. For ex- 
ample, a solution of ammonium cyanide, NH 4 CN, will give 
an alkaline reaction because hydrocyanic acid, HCN, is 
weaker as an acid than is ammonium hydroxide as a base; 
that is, HCN tends to hold the hydrogen ions more tightly 
than NH4OH holds the hydroxide ions. 

We may write the reaction occurring during the hydrolysis 
of sodium acetate as follows: 

Ac- + H 2 0 = HAc + OH- (3) 

The reaction proceeding from left to right is that which 
represents the capture of hydrogen ions by acetate ions. 
It is to be noted that this equation represents the over-all 
reaction. By this we mean that it tells us only what dis- 
appears and what is formed regardless of the intermediate 
steps. The reaction for hydrolysis is not, as one might 
expect, 

H + + Ac - = HAc 

even though the water might first dissociate to give hy- 
drogen ion. It is only one step of the hydrolysis reaction. 
In the over-all process water molecules and acetate ions 
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ultimately disappear while hydroxide ions and acetic acid 
molecules are formed. 

The equilibrium expression for reaction ( 3 ) is 

(HAc)(OH-) K ... 

—®F) (4) 

As in the case of the equilibrium expression for water, the 
concentration of the water molecules, (H 2 0 ), does not vary 
appreciably and is therefore omitted from the denominator 
of this expression. We may obtain the value of K s from 
the values for the ionization constants of water and of 
acetic acid, the only two weak substances involved in the 
equilibrium. In every aqueous solution the H + and OH~ 
ions are in equilibrium with each other and 


(H+)(OH-) = 


(0B-) - 


Substituting for (OH~) in equation ( 4 ), we obtain 

(HAc)A w _ „ 

(Ac-)(H+) “ 

(HAc) 1 

But is equal to Therefore 


1 X 10~ 14 
1.85 X 10- 6 


5.4 x 10~ 10 


We may verify this relationship in the following way 
Kw _ (H+)( OH-) _ (HAc) (H + ) (OH~) (HAc)(OH~) 

K, (H+)(Ac~) (H+)(Ac-) ~ (A? 1 ) 

(HAc) 

Similarly, the equilibrium expression for the hydrolysis 
of an ammonium salt, 


becomes 


NH 4 + + H 2 0 = NH 4 OH + H+ 

(H+) (NH4OH) „ 

(NH 4 +) ~ Ah 


XL 

Substituting for (H+) in equation (7) we obtain 



__ i- v w 

H ^T(for the base) ^ 

A salt of a weak acid and a weak base hydrolyzes to a 
large extent. This is to be expected since both H+ and 0H~ 
ions are captured by the negative and positive ions of the 
salt. Ammonium cyanide is a salt derived from ammonium 
hydroxide and hydrocyanic acid. In water ammonium 
cyanide hydrolyzes in accordance with the equation, 

NH 4 + + CN- + H 2 0 = NH 4 OH + HCN (9) 
The equilibrium expression for this reaction is 

(NH 4 OH)(HCN) _ ^ 

(NH4+XCN-) ~ K H 

By multiplying both numerator and denominator by 
(H+) (OH-), it can easily be shown that 


Aw 

K-i (acid) x A, (base) 


The salts of polybasic acids hydrolyze in two or more 
steps. For example, sodium sulfide, Na 2 S, a salt of a dibasic 
acid, hydrolyzes as follows: 


S-- + H 2 0 = HS- + OH- (11) 

and 

HS- + H 2 0 = H 2 S + OH- (12) 

The hydrolysis constant for reaction (11) is 

(HS-XOH-) K w 1 X 10-“ DO 
(S— ) A 2 " 1.2 x 10- 15 ~ 

and that for reaction (12) is 

(H 2 S)(OH-) A w 1 x 10- 1 * w in _ 7 

(HS - ) Ki~ 9 X 10- 8 _ 1-1 X iU 

It will be observed that the hydrolysis constant for reaction 
(11) is very much larger than that for reaction (12). This 
fact is very significant, for it means that the hydrolysis 
produced by the second step is negligible as compared with 


hydrolysis 
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that for the first step, and in calculating the hydroxide ion 
concentration or the sulfide ion concentration in solutions 
of soluble sulfides only the first step of hydrolysis need be 
considered. 

Note that in equation (11) for the hydrolysis of the sulfide 
ion (first step) an equilibrium exists between the sulfide ion 
and the bisulfide ion. The same ions are also involved in the 
equilibrium for the second step of ionization of hydrogen 
sulfide (HS~ = H+ + S~~). Therefore in calculating the 
hydrolysis constant for the first step of hydrolysis, K w and 
the ionization constant for the second step of ionization are 
involved. Conversely, the second step of hydrolysis (equa- 
tion 12) is concerned with the first step of ionization of 
hydrogen sulfide, (H 2 S = HS~ + H+). 

The concentration of the hydrogen ion produced in solu- 
tions of salts of weak acids and strong bases, besides vary- 
ing with the concentration of the salt, varies considerably 
from salt to salt, depending upon the relative weakness of 
the acid which is formed in the hydrolysis process. The 
larger the hydrolysis constant for such a salt, the greater 
will be the degree or extent of hydrolysis, and therefore the 
greater the hydroxide ion concentration. The degree of 
hydrolysis is the fractional amount of the ions which hydrolyze, 
i.e., the fractional part of the ions of the weak acid or base 
that have reacted with water. Equation (5) tells us that 
the hydrolysis constant will be larger the smaller the dis- 
sociation constant for the acid, i.e., the weaker the acid. 
The hydroxide ion concentration in a 0.1 molar solution of 
sodium acetate is about 10~ r> molar; in a 0.1 molar solution of 
sodium cyanide, about 10- 3 molar; in a 0.1 molar solution 
of sodium carbonate, approximately 4 x 10~ 3 molar, while 
that in a 0.1 molar solution of sodium sulfide is almost 0.1 
molar. In the last ca.se more than 99% of the sulfide ion 
hydrolyzes to produce the hydroxide ion. These examples 
are summarized in Table 11 on page 159. Note that as the 
constant for the acid decreases the constant for hydrolysis 
and the hydroxide ion concentration increases. 
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Hydrolysis of Salts of Weak Acids 
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Solution 

Weak acid 
formed 


Ki 

K H 

(OH~) in. 
0.1 M soln 
(approx.) 

Sodium nitrite 
Sodium acetate 
Sodium carbonate 
Sodium sulfide 

Nitrous 

Acetic 

Bicarbonate ion 
Bisulfide ion 

4.5 X 10" 4 
1.85 X 10~ 5 
7.0 X 10" 11 
1.2 X 10" 45 

2.2 X lO -44 

5.4 X 10-“ 

1.4 X 10" 4 
8.0 

1.5 X 10- 6 
7 X 10-o 
4 X 10- 3 
10~ 4 


Examples of Hydrolysis. When a solution of ferric chlo- 
ride is added to one containing sodium carbonate, a dark 
red precipitate of ferric hydroxide is formed and carbon 
dioxide is liberated from the solution. The hydroxide ion 
concentration in the sodium carbonate solution, formed by 
hydrolysis, is sufficient to precipitate the ferric hydroxide. 
Even though the carbonate ion concentration in the solution 
may be more than 100 times as great as the hydroxide ion 
concentration, the ferric hydroxide will still precipitate in 
preference to ferric carbonate. If ferric carbonate were very 
insoluble as compared with ferric hydroxide, this would not 
be the case. Then the carbonate would precipitate in 
preference to the hydroxide. If a soluble silver salt is added 
to a solution containing sodium carbonate, the carbonate 
and not the hydroxide (or oxide) will precipitate. 

The over-all reaction taking place when ferric hydroxide 
is precipitated by a solution of sodium carbonate is 

Fe +++ + 3C0 3 — + 3H 2 0 = 3HC0 3 -+Fe (OH) , (solid) (13) 

This is followed by the reaction, 

Fe++++3HC0 3 -+3H 2 0 = 3H 2 C0 3 +Fe(OH) 3 (solid) (14) 

The carbonic acid formed in the last reaction breaks down 
into water and carbon dioxide. It is to be noted that it is 
only by virtue of the hydrolysis of the carbonate and bi- 
carbonate ions that the precipitation of ferric hydroxide 
takes place. These reactions may be written: 


i 

V* i 
fall 
n 








HI 

8a 

ill 

'lit 3 


1 


160 IONIZATION OF WATER - HYDROLYSIS 






C0 3 — + H 2 0 = HCO3- + OH- (15) 

HCO3- + H 2 0 = H 2 C0 3 + OH- (16) 

The ferric ion may then be considered to combine with the 
hydroxide ion produced by equations (15) and (16) to form 
ferric hydroxide : 

Fe+++ + 30H- = Fe (OH) 3 (solid) (17) 

However, the over-all reaction includes only those substances 
which ultimately disappear and those which are formed and 
is expressed by the summation of equations (13) and (14). 
2Fe +++ + 3C0 3 - -+ 6H 2 0 = 3H 2 C0 3 + 2Fe (OH) 3 (solid) (18) 

The soluble aluminum and chromium salts behave in an 
entirely analogous manner; aluminum hydroxide, Al(OH) 3 , 
and chromium hydroxide, Cr(OH) 3 , are formed in these 
cases. The same argument that has been given for the 
precipitation of ferric hydroxide by the carbonate solution 
may be applied, part for part, to the precipitation of the 
hydroxides of these two metals. 

Ferric hydroxide is so insoluble that it may be precipitated 
from a solution containing a ferric salt by the addition of the 
relatively insoluble barium carbonate. The small amount 
of carbonate ion which enters the solution (A" s . P .BaC0 3 = 8.1 
X 10 -9 ) is sufficient to produce enough hydroxide ion to pre- 
cipitate ferric hydroxide, but (C0 3 ) is not great enough 

to precipitate the carbonates of the zinc group. Therefore, 
since the hydroxides of the aluminum group are precipitated 
by this solution, BaC0 3 is sometimes used as a means for 
the separation of the zinc and the aluminum groups. 

Ferrous hydroxide, Fe(OH) 2 , is not precipitated by solu- 
tions of soluble carbonates. The basic ferrous carbonate, 
Fe 2 (0H) 2 C0 3 , is sufficiently insoluble so that it precipitates 
in preference to the normal carbonate when a solution of 
sodium carbonate is added to one containing ferrous ion. 
If, however, ammonium carbonate is used in place of the 
sodium carbonate solution, ferrous carbonate rather than 
the basic ferrous carbonate will be precipitated. The 
presence of the ammonium ion in the ammonium carbonate 
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solution lowers the hydroxide ion concentration (ammonium 
hydroxide is formed) to such an extent that the precipitation 
of ferrous carbonate is favored. As would be expected, the 
hydroxide ion concentration in a solution of ammonium 
carbonate, due to the hydrolysis of the ammonium ion, is 
smaller than the hydroxide ion concentration in a solution 
of sodium carbonate of the same concentration. The hy- 
drolysis of the ammonium ion furnishes hydrogen ions which 
in turn use up available hydroxide ions in the solution. 

When salts are said to be unstable in solution, these sub- 
stances usually are decomposed in solution through hydroly- 
sis with the formation of a precipitate or with the evolution 
of a gas. Aluminum sulfide, for example, when dissolved 
in water will form the insoluble aluminum hydroxide and 
hydrogen sulfide gas will be evolved. The aluminum ion, 
Al +++ , first formed reacts with the hydroxide ion of water, 
and the sulfide ion with the hydrogen ion of water. The net 
result of this double hydrolysis is 

2 A1+++ + 3S + 6H 2 0 = 2 A1 (OH) s (solid) + 3H 2 S (gas) (19) 

There are many examples of salts of this kind that cannot 
be dissolved in water and recovered again by crystallization. 
In fact, many salts hydrolyze to such an extent that they 
are decomposed by the water vapor in air. 

When a relatively insoluble carbonate such as barium car- 
bonate, BaCCh, is dissolved in water an appreciable amount 
of the carbonate ion hydrolyzes to form the bicarbonate ion. 
The concentration of the barium ion accordingly is not the 
same as the concentration of the carbonate ion under these 
conditions. The concentration of the barium ion is prac- 
tically equal to the sum of the concentrations of the carbon- 
ate and bicarbonate ions. Through this process of hydrolysis 
the solution becomes very slightly alkaline. This equilib- 
rium is represented in the following equation: 

BaC0 3 (solid) = Ba++ + CO,— 

+ 

H 2 0 = HCOs- + OH- (20) 


i 
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The hydrolysis of the bicarbonate ion to form carbonic acid 
and hydroxide ion is negligible. 

The relatively insoluble sulfides behave in exactly the 
same way; the sulfide ion hydrolyzes to give bisulfide and 
hydroxide ions. In calculating the solubility of either a 
relatively insoluble sulfide or carbonate from the solubility 
product constant, account must be taken of this hydrolysis 
process which involves the sulfide or the carbonate ion, as 
the case may be. 

The concentrations of the different ions in equilibrium in a 
solution of a soluble bicarbonate such as sodium bicarbonate, 
NaHCCh, cannot be accounted for by a simple process of 
hydrolysis. The equilibrium in this case is somewhat more 
complicated. The bicarbonate ion hydrolyzes to produce 
carbonic acid and the hydroxide ion, 

HC0 3 - + H 2 0 = H.CO 3 + OH- (21) 

but the bicarbonate ion produces hydrogen ion through dis- 
sociation. 

HCOa- = H+ + C0 3 ~ (22) 

The hydrogen ion and the hydroxide ion produced according 
to equations (22) and (21) respectively, will combine to form 
water. If processes (21) and (22) were to occur to the same 
extent, then a solution of sodium bicarbonate would be 
neutral. By experiment we find that a sodium bicarbonate 
solution is very slightly alkaline, a fact which indicates that 
process (21) occurs to a slightly greater extent than process 
(22). By summing up the reactions considered above, we 
obtain the over-all reaction, 

2 HCO 3 - = H 2 C0 3 + CO,- (23) 

The H 2 CO 3 and the C0 3 ion concentrations in a solution of 
sodium bicarbonate are very nearly the same. 

Hydrolysis must also be taken into account to explain 
the properties of some of the common substances that are 
encountered in everyday life. Lye (sodium hydroxide) and 
ammonium hydroxide are two well known cleansing agents. 
The cleansing property of these substances is attributed in 
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part to the hydroxide ion which reacts with fats and oils 
to produce soaps. Since the hydroxide ions can be produced 
by the hydrolysis of salts of weak acids, these substances 
also have the same property as that of the two hydroxides 
just mentioned. • The common salts used for this purpose 
are washing soda, Na^COs, borax, NajEljO;, water glass, 
Na 2 Si0 3 , and tri-sodium phosphate, Na 3 P0 4 . The weaker 
the acid which is produced by hydrolysis, the greater will 
be the concentration of the hydroxide ions. Of the four 
substances just considered, tri-sodium phosphate produces 
the greatest hydroxide ion concentration, since the ion, 
HPOr~, is the weakest acid involved. 

P0 4 — + H 2 0 = HPO4— + OH- (24) 

Sodium silicate is one of the constituents of laundry soap 
and through its hydrolysis action increases the concentration 
of the hydroxide ion of the soap solution. All w ashin g 
powders contain some hydrolyzable salt. 

The common constituent of all baking powders is sodi um 
bicarbonate. The other chief constituent is a substance 
which in solution furnishes the hydrogen ion which reacts 
with the bicarbonate ion to produce carbon dioxide gas. In 
some brands of baking powders the hydrogen ion is pro- 
duced by a weak acid such as tartaric acid or an acid salt, 
while in others aluminum sulfate is used, which through 
the process of hydrolysis produces the hydrogen ion and 
aluminum hydroxide. 

The Neutralization of Weak Acids and Weak Bases. 
When 0.1 mole of hydrochloric acid is neutralized in solution 
by 0.1 mole of sodium hydroxide, the solution produced 
could be exactly reproduced by the addition of 0.1 mole of 
sodium chloride to the same amount of water. When the 
acid and the base have just neutralized each other, the 
solution is neither acidic nor alkaline, for sodium chloride 
does not hydrolyze. If, on the other hand, 0.1 mole of acetic 
acid is neutralized in solution by exactly 0.1 mole of sodium 
hydroxide, the sodium acetate solution does riot contain the 
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same number of hydrogen ions as hydroxide ions. When a 
weak acid is neutralized by a strong base the end point of 
the neutralization does not occur when the concentrations 
of the hydrogen and hydroxide ions are the same, but rather 
when the solution is slightly alkaline. The concentration 
of the hydrogen ion or of the hydroxide ion at the neutraliza- 
tion point will depend upon the concentrations of the sub- 
stances involved and upon the ionization constant of the 
acid formed in the hydrolysis process. 

The process of neutralization of weak acids by strong 
bases may be illustrated by a specific example. Suppose 
50 ml. of a 0.1 molar solution of hydrocyanic acid, HCN, 
is to be neutralized by 50 ml. of a 0.1 molar solution of sodium 
hydroxide. What will be the hydrogen and hydroxide ion 
concentrations at the point of neutralization? The final 
solution, through the addition of the two equal volumes, 
will be .05 molar with respect to sodium cyanide. The 
problem is then to calculate the hydrogen ion and the 
hydroxide ion concentrations in this solution. The equa- 
tion representing the hydrolysis equilibrium is 


CN- + H 2 0 = HCN + OH- (25) 

Let X be the concentration of the hydroxide ion. Then X 
must also be the concentration of the HCN, and .05 - X is 
the concentration of the cyanide ion at equilibrium. Since 
we might expect the amount of cyanide ion hydrolyzed to 
be small as compared with the total amount of cyanide ion 
present, we may simplify this and let the concentration of 
the cyanide ion be practically equal to .05 molar rather 
than .05 - X. Then, 

(HCN) (O H~) _ X 2 _K W 10-“ 

(CN-) .05 K a ~ 2.1 x 10- 


4.8 x 10- 6 


X 2 = 24 x 10- 8 


X = 5 X 10 -4 mole per liter = (OH~) 

The concentration of the hydrogen ion is ■ = 2 x 10~ u 

5 X 10 

mole per liter. The hydrogen ion concentration in this 
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solution is 5000 times smaller than that for pure water 
(10 - ' molar), and the hydroxide ion concentration is 5000 
times larger. 

In selecting an indicator for this reaction under the condi- 
tions stipulated above, we should choose one that changes 
color as near as possible to the calculated hydrogen ion 
concentration. By referring to the table on page 85, we 
find that thymol phthalein would be the most suitable in- 
dicator. If methyl orange were used, the final solution 
obtained would still contain a large excess of the acid at the 
end point and would not be neutralized. 

Buffer Solutions. Buffer solutions are solutions containing 
weak acids or weak bases together with the salts of weak 
acids or bases and have the property of maintaining a hy- 
drogen ion concentration which is affected only slightly by 
the addition of appreciable amounts of either acid or base. 

A solution containing 0.1 mole of acetic acid and 0.1 
mole of sodium acetate per liter is such a buffer solution. Its 
hydrogen ion concentration is about 1.85 X 10~ 5 molar. A 
solution containing 1.85 X 10~ 5 mole of hydrochloric acid 
per liter would also have the same hydrogen ion concentra- 
tion as the buffer solution described above, but its action 
toward acids and bases would be entirely different from that 
of the buffer solution. If 1.85 X 10~ 5 mole of sodium hy- 
droxide is added to 1 liter of the above hydrochloric acid 
solution, the resulting solution w r ould be neutral to the 
hydrogen ion, i.e., the hydrogen ion concentration would be 
10~ 7 molar. Upon the addition of 1.85 X 10 -5 mole of so- 
dium hydroxide to 1 liter of the buffer solution, the hydrogen 
ion concentration would not be appreciably affected. 

To understand better the action of the buffer solution, let 
us consider the equilibrium between the acid and its ions: 

HAc = H+ + Ac- 

(H mA A( T' 1 = 1.85 x 10- 5 
(HAc) 

(H+) = X 1.85 X 10- 5 (26) 


(26) 
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When, the concentrations of the acetic acid molecules and 
;; of the acetate ions are made equal as they were in the ex- 

I; ample above, the concentration of the hydrogen ion has the 

1 same value as the dissociation constant. If as much as .05 

;j mole of sodium hydroxide is added to 1 liter of the buffer 

solution (0.1 mole acetic acid and 0.1 mole of sodium acetate 
per liter), the hydrogen ion concentration will be affected 
relatively little. Under these conditions, .05 mole of the 
J acetic acid has been neutralized by the added sodium hy- 

droxide, and the solution now consists of .05 mole acetic acid 
J and 0.15 mole of sodium acetate. Now the hydrogen ion 

concentration is 

(H+) = X 1.85 X 10- 5 = ^ X 1 .85 X 10- 5 = 0.6 x 10- 5 

The hydrogen ion concentration has been lowered only three- 
fold by the addition of the sodium hydroxide. In a like 
manner, the addition of .05 mole of hydrochloric acid to the 
|j original buffer solution will increase the hydrogen ion con- 

centration only threefold. In this case, the hydrogen ions 
produced by the hydrochloric acid combine with the acetate 
iy ions and are removed in the form of acetic acid molecules. 

After the hydrochloric acid has been added, the final solution 
I ... will contain 0.15 mole of acetic acid and .05 mole of acetate 

• \ ion and 

0 15 

(H + ) = -jjg- x 1.85 x 10 -5 = 5.5 X 10~ 5 mole per liter 

The table on page 167 illustrates the buffer action of an 
acetic acid-sodium acetate solution in its ability to absorb 
either a strong acid, such as hydrochloric acid, or a strong 
base, such as sodium hydroxide, with but little change in 
the concentration of the hydrogen ion. 
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TABLE 12 

Buffer Action of a Solution Containing 0.1 Mole of 
Acetic Acid and 0.1 Mole of Sodium Acetate 
per Liter 


m l. of 0.1 molar 


ml. of 0.1 molar 


NaOH added to 

(H + ) of final 

HC1 added to 

(H + ) of final 

1 liter of buffer 

solution 

1 liter of buffer 

solution 

solution 


solution 


0 

0.0000185 

0 

0.0000185 

5 

0.0000183 

5 

0.0000187 

10 

0.0000181 

10 

0.0000189 

25 

0.0000175 

25 

0.0000195 

50 

0.0000167 

50 

0.0000204 

75 

0.0000159 

75 

0.0000215 

100 

0.0000151 

100 

0.0000226 


By adding as much as 100 ml. of either 0.1 molar hydro- 
chloric acid solution or 0.1 molar sodium hydroxide solution 
to 1 liter of the buffer solution, the hydrogen ion concentra- 
tion remains within the limits 1.51 X 10~ 5 and 2.26 X 10~ 5 
mole per liter. By this treatment the hydrogen ion concen- 
tration of the original solution does not vary more than 
25%. In contrast to this, if 100 ml. of 0.1 molar hydro- 
chloric acid were added to pure water, the hydrogen ion 
concentration would increase 100,000-fold. 

The above solution was such as to maintain the hydrogen 
ion concentration in the neighborhood of 10 -5 molar. If it is 
desired to maintain the hydrogen ion concentration at a 
different value, a different acid and salt should be chosen. 
If it is desired to maintain the hydrogen ion concentration 
at about 10 -9 molar (OH- ion concentration of 1CH molar), 
then hydrocyanic acid and potassium cyanide might be used, 
for this acid has an ionization constant equal to 2.1 X 10-‘ J . 
However, for most work this acid would be unsuitable be- 
cause of its toxic nature. 

Ions and salts of polybasic acids also form buffer solutions. 
For example, a solution of sodium bicarbonate is a buffer 
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! -j solution. The bicarbonate ion, HC0 3 _ , is an ion of a salt 

j of a weak acid; NaHCOs is the salt and H 2 C0 3 the acid 

from which it is derived. Furthermore, the bicarbonate ion 
I is itself a weak acid, dissociating to form hydrogen ions and 

■I carbonate ions. WTien hydrochloric acid is added to a solu- 

tion of sodium bicarbonate, carbonic acid is formed and the 
hydrogen ion concentration of the solution is changed very 
little. If sodium hydroxide is added to this same solution, 
j the carbonate ion is formed, 

HCOr + OH- = H 2 0 + CO,— (27) 

I 

and again the hydrogen ion concentration is little affected. 
i Blood is a good example of a buffer solution. The principal 

ion and acid responsible for the buffer action of blood are 
the HCO 3 - ion and H 2 C0 3 . When excess hydrogen ion 
j| enters the blood stream it is absorbed principally by the 

j reaction 

J H + + HCOs- = H 0 CO 3 (28) 

and when excess hydroxide ion is formed it disappears 
| through the reaction 

i OH- + H 2 C0 3 = HoO + HCOs - (29) 

I# 

By this mechanism the hydrogen ion concentration in the 
blood stream remains remarkably constant — very slightly 
alkaline. Besides the HCO 3 - and H 2 C0 3 , there are other 
buffering substances, such as HP0 4 “ , H 2 P0 4 ~, and hemo- 
globin, which also help control the H + ion concentration. 

When carbon dioxide is produced in the tissues by meta- 
bolic processes, carbonic acid is formed, which in turn dis- 
sociates to produce hydrogen and bicarbonate ions. The 
hydrogen ion produced by this reaction is absorbed by the 
buffer action of the blood. When oxygen is breathed into 
the lungs it reacts with the hemoglobin and as a result of this 
reaction a large excess of hydrogen ions results. These 
hydrogen ions, which locally cannot be completely absorbed 
by the buffer action of the blood, now combine with the 
bicarbonate ions to form excess carbonic acid (C0 2 and H 2 0 ). 
The carbon dioxide is then exhaled from the lungs. 
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The Hydrolysis of Metal Ions. A large number of metal 
ions hydrolyze to give acid solutions. We therefore con- 
clude that the corresponding bases of these ions are weak. 
Many of these metal ions form polyacid bases, i.e., more 
than one ionizable OH radical is associated with the metal 
ion. Before considering the problem of the hydrolysis of 
these ions let us first examine the properties of these poly- 
acid bases. Most of the polyacid bases are very insoluble, 
e.g., Al(OH)s, Pb(OH) 2 and Fe(OH) 3 . Without doubt these 
hydroxides ionize in two or more stages just as polybasic 
acids ionize in more than one stage. The equilibrium re- 
actions between Fe(OH) 3 , for example, and its ions, when 
it is dissolved in water, can be expressed by the following 

equations. Fe(0 H) 3w = Fe(OH) 3 (BOltt , (30) 

Fe(OH) 3 (so in.) = Fe(OH) 2 + + OH~ (31) 

Fe(OH) 2 + = Fe(OH)++ + OH~ (32) 

Fe(OH)++ = Fe +++ + OH - (33) 

Just as there are no polybasic acids which in moderate 
concentration ionize to the extent of 100% in any but the 
first stage of ionization so we may assume that polyacid 
bases behave similarly. But it must be borne in mind that 
most of the polyacid bases are very insoluble and therefore 
the concentrations of the ions in equilibrium with them 
must be very small. Because of the small concentration — 
which is equivalent to a very high dilution in solutions of 
soluble bases — all stages can nevertheless be practically 
completely dissociated. 

Zinc hydroxide, for example, is very insoluble. There- 
fore the amount of undissociated and dissolved Zn(OH) 2 
in equilibrium with the solid must be very small. 

Zn(OH) 2w = Zn(OH) 2 ( S oin.) (34) 

The undissociated Zn(OH) 2 will ionize first as 

Zn(OH) s ( soin.) - Zn(OH)+ + OH" (35) 

and then will be further ionized in the following manner: 

Zn(OH)+ = Zn++ + OH~ (36) 
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I Just as a 1 x 10~ 5 M solution of HAc is ionized to the 

t extent of 70%, while a 1 M solution is ionized to the extent 

| of only 0.4% so, because of the low concentration, we might 

% expect these insoluble bases to be highly ionized in spite 

■ , of the fact that the ionization constants may be small. We 

lack data on the ionization constants for the various steps 
involved in the dissociation of most polyacid bases and there- 
fore we group all stages of dissociation into a single reac- 
tion. For example, reactions (34), (35), and (36) may be 
<1 grouped into the one reaction 

I Zn(OH) 2 (») = Zn ++ + 20H~ (37) 

In view of the extreme insolubility of many polyacid bases 
this procedure will often be satisfactory. But when we 
consider the hydrolysis of the metal ions the problem is 
quite different since the concentration of these ions is usually 
' j not small. 

j':j If 0.1 mole of ZnCl 2 is dissolved in one liter of water 

I the solution is found to be decidedly acidic. The reason 

I j for this is that the Zn ++ ion undergoes hydrolysis, the first 

stage of which may be represented by the equation 

Zn + " + H 2 0 = Zn(OH)+ + H+ (38) 

The concentration of the Zn f+ ion is high (approximately 
0.1 M) but since the amount of hydrolysis is relatively 
small the concentrations of the Zn(OH)+ and of the H + ions 
are small. The second stage of hydrolysis is much s mall er 
than that of the first stage and may be neglected, since the 
concentration of the Zn(OH)+ ion is itself very small. How- 
ever, the reaction for the second stage of hydrolysis is 

Zn(OH)+ + H 2 0 = Zn(OH) 2 (solnL) + H+ (39) 

To calculate the hydrolysis constant for equation (38) it 
is necessary that we know the value of the ionization con- 
stant for equation (36). It cannot be calculated by using 
the ionization constant for equation (37). The ionization 
constant for (36) is known and has a value of 4 x 10 -5 . 
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The hydrolysis constant for the reaction represented by 
equation (38) is therefore equal to 

(Zn(OH) + ) (H + ) K w 1 x 10~ 14 

= = 4 ^ 16 ^ = 2 ‘ 5 x 10 “ 10 = ^ 

If we let X equal the number of moles of Zn++ ion under- 
going hydrolysis, then at equilibrium (Zn(OH)+) will be 
X, (H+) will also equal X, and (Zn++) will have a value of 
(0.1 - X). Neglecting X as compared with 0.1 we have 

X 2 

Oj = 2.5 X 10- 10 or X 2 = 25 X 10~ 12 


2.5 X 10- 


25 X 10~ 12 


X = 5 X 10~ 6 mole/liter = (H+) 

5 X 10” 6 

Therefore the degree of hydrolysis is — — — or 5 x 10~ 5 . 

On a percentage basis the extent of hydrolysis is therefore 
.005%. The solution is found to be decidedly acidic, ac- 
cording to the calculation we have just carried out. 

The constants for the different stages of ionization are 
not known for most hydroxides. Therefore we cannot cal- 
culate the hydrolysis constants for most positive metal ions 
which we know are hydrolyzed in solution. 

If the hydroxide of a metal ion is insoluble we may con- 
clude that the metal ion will hydrolyze to give an acidic 
solution. We base this conclusion on the assumption that 
the insolubility of the hydroxide is in part due to a firm 
binding between the metal ion and the OH - ions. We may 
also assume that if all of the OH - ions are held firmly, for 
example by the Al +++ ion in forming Al(OH) 3 , then there 
should also be a firm binding between the Al +++ ion and 
the first OH - ion to form Al(OH)++. If such is the case, 
A1+++ ion in water should hydrolyze. This reasoning can 
be applied to any ion which forms an insoluble hydroxide; 
the facts are in accord with this postulate. Practically all 
metal ions other than those of the alkali or alkaline earth 
groups hydrolyze to give acidic solutions. 



172 IONIZATION OF WATER — HYDROLYSIS 

It has been our custom to write the symbol for a multi- 
valent positive ion in its simplest form. For example, if 
SnCU is dissolved in water we often write the formula for 
the resulting stannic ion as Sn ++++ . Certainly this cannot 
be correct. Very probably most of the ions in such a solu- 
tion are present as SnCl‘ H_+ and SnCl 2 ++ ions and very few 
of them are in the form of Sn ++++ ion. However, we have 
no definite information relative to the composition of many 
ions of this type and therefore we use the simplest symbols 
or formulae possible. The same situation undoubtedly 
exists with Fe - ^, AF^ 4 " and other trivalent and higher 
valent ion salts. 

Hydrolysis and the Br^nsted Definitions.* If the Brpn- 
sted definitions of acids and bases are to be adopted con- 
sistently, then the term hydrolysis becomes superfluous. 
What the older established definitions called hydrolysis be- 
comes merely an acid-base reaction. But the terms hy- 
drolysis and salt have become so firmly entrenched in 
chemical thought and in chemical literature that hydrolysis 
cannot be brushed aside without consideration. The intro- 
duction of this term into the Brpnsted definitions, however, 
is apt to lead to some confusion if hydrolysis is not already 
understood in the light of the older definitions. 

According to the older established definitions ions which 
hydrolyze in water solution can be divided into two classes; 
those which produce acidic and those which produce basic 
solutions. Let us consider these two types of hydrolysis 
separately and as an example of the first kind let us con- 
sider the hydrolysis of the ammonium ion. According to 
the older definitions the equation for the hydrolysis reaction 
is 

NH.+ + H 2 0 = NH 4 OH + H+ (40) 

The mental picture for the process is that of competition 
between the H+ ion and the NH 4 + ion for the OH~ ion. 

Before reading this section the student is advised to review the section 

on the Br0nsted Definitions of Acids and Bases on pages 87— 94. 
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As the result of this competition, some H + ions are left in 
excess of OH - ions and the solution is acidic. 

According to the Brpnsted definitions this same hydrolysis 
reaction is expressed as follows. 

NH 4 + + H 2 0 = NH 3 + H s O+ (41) 

Acidi Base** Basei Acids 

Examining equations (40) and (41) formally we see that 
the difference between them is that in equation (40) the 
water molecule is associated with the NH 3 molecule to form 
NH 4 OH (a formula which emphasizes the basic nature of 
ammonia in water solution), and in equation (41) the water 
is associated with the H + ion, which is written as H 3 0 + . 
According to the Brpnsted definitions equation (41) repre- 
sents merely an acid-base reaction and the NH 4 + ion is re- 
garded as a weak acid. The NH 3 and the H 2 0 molecules 
are competing for the proton. Equation (40) does not 
represent the actual process taking place any more than 
does equation (41); these details of the reaction are not 
known. Whether one uses equation (41) or equation (40), 
i.e., Brpnsted or the older established definitions, is merely 
a question of convenience and ease of acquiring an under- 
standing of the acid-base reaction in solution. 

According to the older definitions hydrolysis is the re- 
verse of neutralization, i.e., equation (40) reading from right 
to left represents a process of neutralization while from 
left to right, it represents hydrolysis. With the Brpnsted 
definitions the reactions represented by both directions of 
equation (41) are acid-base reactions. Only if we borrow 
the concepts of hydrolysis and of neutralization from the 
older definitions may we define the process from left to right 
in equation (41) as hydrolysis and the process from right 
to left as neutralization. In general, on the basis of the 
newer definitions, hydrolysis is defined as a proton transfer 
reaction between a cation-acid or an anion-base and water, 
to produce the hydronium ion or the hydroxide ion re- 
spectively. But again it must be emphasized that if the 
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Bronsted definitions had been common usage for many years 
the term hydrolysis in inorganic chemistry would not be 

necessary. 

Let us consider the equilibrium expression for reaction 
(41) and show the relationship between the constant for 
this expression and the constants for other reactions from 
which the value of the former may be calculated. As has 
been previously pointed out, reaction (41) is to be regarded 
as one of dissociation of a weak acid, and its constant may 
then be designated as Aif aC id)-* 

K * _ (NH S ) (H 3 Q + ) 

1 (acid) — (NH4 + ) 

The concentration of the water molecules is omitted from 
the expression since its value remains constant for all prac- 
tical purposes. Consider next the two reactions 

HoO + H ; 0 = H 3 0+ + OH- (43) 

and 

NH 3 + H 2 0 = NH 4 + + OH- (44) 

The equilibrium expressions for (43), (44) are (H 3 0+)(0H~) 


(NHrXOF- 
' (NIL) 


respectively. The first of these is equal 


to the equilibrium constant for water and is denoted by 
AV\ the second we shall denote merely by A eq B . 

A W B = (H 3 0+)(0H-) (45) 

B (NH4+XOH-) .... 

Ke « = — mm — (46) 


From equation (45) (H 3 0' f ) = 

(Uil ) 

K B 

Substituting y-Qjgry for (H 3 0+) in equation (42), we obtain 

TT B (NH 3 )A W B A w b 

I(EC,d) (NH 4 +XOH-) " (NHX)(OH-) (47) 

(NH,) 

* Constants referring to the Br0nsted definitions are distinguished from 
those of the older definitions by the superscript B. 
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gut the demonimator in the last expression in equation (47) 
is equal to K & q (equation 46) . Therefore 

-Kxfaoid) = (48) 


Let us now return to the older definitions with w'hich w r e 
previously showed that 


What was previously called the hydrolysis constant is now 
the acid constant (-R^facid) is equivalent to K u ), and what 
was previously known as the dissociation constant for the 
base is designated merely as an equilibrium constant, (K cq B 
is equivalent to A I( b ase ))- Obviously K W B is the same as fv w . 
Again we see only different names for the same phenomena; 
the relationships are the same. 

Let us next consider the hydrolysis of an anion to pro- 
duce an alkaline solution, and as an example we shall again 
use the acetate ion. 

H 2 0 + Ac- = HAc + OH- (50) 

* Acidi Base2 Acid 2 Basei 


The hydrolysis reaction is expressed by the same equation 
(50) whether the Brpnsted or the older definitions are used ; 
the terminology only is different. The equilibrium expres- 

. , ... (HAc)(OH-) 

sion for the reaction is (Act) 

By the older terminology this expression is equal to the 
hydrolysis constant. By the Brpnsted definitions it would 
more properly be called an acid-base equilibrium constant. 
Thus, 


(HAc) (OH - ) B 

(Ac-) " e<l 

(51) 

It can be shown that 


TC B 

rr B Il W 

i*-eq ^ tt b 

J-M(acid) 

(52) 
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where Kj% C id) is the constant for the reaction 

HAc + H 2 0 - H 3 0+ + Ac- (53) 

Using the older definitions, we previously showed that 


In this case the older K B is equivalent to the newer K e q B . 

The Ac - ion is known as a strong base: it has a great 
tendency to take up protons. The strongly basic character 
of the Ac - ion may be visualized in terms of the older con- 
cepts if we consider it in its hydrated form. Suppose that 
instead of representing the acetate ion by the symbol Ac~ 
we used AcHOH - (Ac - + H 2 0) ; i.e., included in its for- 
mula one molecule of water. Then it is easy to see that if 
the 0 II - ion dissociated from this complex the HAc mole- 
cule would be formed and the stronger the base, the greater 
the concentration of OH - ions produced. The tendency 
to acquire protons is equivalent to a tendency to produce 
OH - ions. 

AcHOH - = HAc + OH - (55) 

This reaction is effectively the same as that represented by 
equation (50). This procedure, however, is not conventional. 
The hydrolysis of positive metal ions, according to the Br0n- 
sted definitions, will be considered in the next chapter. 
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Example 1. 

(a) Calculate the concentration of the OH - ion in a 0.1 M 
NaAc solution. 

(b) What is the value of the concentration of the H+ ion in t his 
same solution? 

(c) What is the degree of hydrolysis? 

Sodium acetate is the salt of a strong base and a weak acid 
and therefore its solution will show an alkaline reaction. The 
equation representing the hydrolysis reaction is 


177 
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Ac- + H 2 0 = HAc + 0H- 
Concentrations: (0.1 - X) X X 

Therefore 

(HAc)(OH-) X* _Kv, _ IX 10~“ nc , 1A „ 
(Ac-) 0.1 - X K,~ 1.85 X 10- ~ °- 54 X 10 

Neglecting X as compared with 0.1 in the denominator of the 
second expression, we have 


X 2 = 0.54 X 10- 10 

X = 0.75 X IQ- 5 mole/liter = (OH - ) = (HAc) 

To calculate (H+) we use the dissociation constant for water. 

1 V 10~ 14 

(H+) = (OBF) = 075 X 10- 5 = L3 X 10-9 mole / liter 

It is also possible to calculate the (H + ) in the following way. 
The HAc in solution is in equilibrium with its two ions, H + and 
Ac". The concentration of the undissociated HAc in this solution 
is the same as that of the OH" ion and was found to be 
0.75 X 10~ 5 M. The value for (Ac - ) is practically 0.1. We may 
therefore use the ionization constant for HAc to determine the 


(H+) - 1.3 X 10" 9 mole/liter 

The degree of hydrolysis is the fractional amount of the Ac" ion 
hydrolyzed. The amount of Ac” ion which hydrolyzed was X or 
0.75 X 10" 5 M. Therefore the degree of hydrolysis is X divided 
by the total amount of Ac" ion. 

Degree of hydrolysis = ^ ^ 1 _— = 7.5 x 10~ 5 


The per cent hydrolysis is equal to the degree of hydrolysis multi- 
plied by 100. 

Per cent hydrolysis = 7.5 X 10" 6 X 100 - .0075% 
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Example 2. 

To 250 ml. of a 0.4 M HCN solution is added 250 ml. of a 0.4 M 
NaOH solution to give 500 ml. of the mixture. What will be the 
value of the (HO when the acid and base exactly neutralize each 
other? Kj( HCN) = 2.1 X 10~ 9 . 

Due to the fact that both the HCN and the NaOH solutions 
have been diluted to 500 ml., the resulting solution would contain 
these two substances each at a concentration of 0.2 M assuming 
no reaction to take place. After the reaction takes place and 
when equilibrium is reached a solution is obtained which would be 
the same as that produced by adding 0.2 mole of NaCN to a liter 
of water, or 0.1 mole NaCN to 500 ml. of water. Therefore, the 
concentration of the CN~ ion in this solution is approximately 
0.2 M, but it will be slightly less than this value due to the hy- 
drolysis, as the following equation indicates. 


Concentrations : 
Then 

(HCN) f OH”) 

~ (CN-) 


CN- + H 2 0 = HCN + OH- 
(0.2 - X) X X 


= 4.8 X 10~ 6 


(HC N) (OH") X* K w _ 1 X IQ" 1 * , Q 1 

(CN“) 0.2 - X ~ K liacid) 2.1 X 10" 9 4,8 X l! 

Neglecting A r in comparison with 0.2 
Y- X 2 

~ 65 " 4 ' 8 x 10-0 

X 2 = 0.96 X lG-« 

X = 0.98 X 10~ 3 s 1 X 10~ 3 mole/liter = (OH") 

Since 

(H+)(OH~) = 1 X 10-“ 

(h+) - - 10-14 

(OH-) 1 x 10- 3 

(H + ) = 1 X 10 -11 mole/liter 


Example 3. 

(a) Calculate the concentration of the S — ion in a 0.1 M Na 2 S 
solution. 

(b) Calculate the degree of hydrolysis of the S — ion. 

The hydrolysis of the HS~ ion (second step) is negligible as 
compared with the hydrolysis of the S~ ion (first step). 
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The reaction is 

S— + H 2 0 = HS- + OH- 

Let X be the number of moles of S ion undergoing hydrolysis. 
Then, at equilibrium, (HS - ) » X, (OH") = Z, and (S“ ) = 
(0.1 - X). We then have 

(HS-XOH-) = X 2 _ _Zw_ lx 10-“ 0 0 

(F 3 ) o.l - Z Ah K lt ~ 1.2 X 10- 15 ~ 8 - 3 

Since the value of K H is large, X will be large as compared with 
0.1 and we cannot neglect X in the expression (0.1 - X). Ac- 
cordingly, we must solve this equation by the use of the quadratic 
solution. Clearing of fractions, we have 

X 2 = 0.83 - 8.3X 

Transposing, 

X 2 + 8.3X - 0.83 = 0 
X = .099 mole/liter = (HS - ) = (OH - ) 

(0.1 — X) = (S ) = .001 mole/liter 

(See page 478 of the Appendix for the solution of the quadratic 
equation.) 

This calculation may be made in a much more convenient way. 
From the large value for the hydrolysis constant it is apparent 
that most of the S ion will be hydrolyzed. Let us temporarily 
assume that the hydrolysis is complete. Then (HS") and (OH") 
will each have a value of 0.1 M. Now we shall allow these two 
ions to react to produce S ion and water until equilibrium is 
reached. Let X be the number of moles of HS" ion and also of 
OH" ion which disappear in attaining equilibrium. Then, at 
equilibrium, (HS") = (0.1 - X), (OH") = (0.1 - X), and (S“) 
= X. Substituting these values in the equilibrium expression, 
we have 

(0.1 - X)(Q.l - X) = g3 


But since the equilibrium point is very far to the right, Le., the 
hydrolysis is very nearly complete, X is now small as compared 
with 0.1 and may be neglected. Then the expression becomes 

= 8.3 

and X = ^ = .0012 mole/liter = (S”) (compare with above). 
0.0 
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The degree of hydrolysis is the amount of S ion hydrolyzed 
divided by the total amount of S ion originally present. There- 
fore 

.099 

Degree of hydrolysis = = 0.99 

The per cent hydrolysis is 0.99 X 100 or 99%. 

Example 4- 

What is the pH. of a solution which contains 0.535 g. of NH 4 C1 
in 250 ml. of solution? 

0 535 

0.535 g. NH4CI is equal to ■ A, A - or .01 mole. .01 mole of 

NH4CI in 250 ml. of solution is equivalent to .04 mole of NH 4 C1 
per liter. Thus, the concentration of the NH 4 + ion is .04 M. The 
NH 4 + ion undergoes hydrolysis to produce the H + ion according 
to the following equation. 

NH 4 + + H 2 0 = NH4OH + H+ 

Let X be the number of moles of NH 4 + ion undergoing hy- 
drolysis; then, at equilibrium, (NH 4 + ) = (.04 - X), (NH 4 OH) 
= X , and (H + ) = X. Then we have 

(NH 4 OH)(H+) _ X 2 K w lx 10“ 14 

(NH>) .04 - X Ah X I(baae) “ 1.8 X 10- 5 

X- 

and ( )4 ~ ~ v = 5.6 X 10 -10 

Neglecting X as compared with .04 we have 

£ = 5.6 X 10-'° 

.04 

X 2 = 22.4 X 10- 12 

X = 4.7 X 10-« mole/liter = (H+) = (NH 4 OH) 

pH = log — L = - log (H+) 

log (H+) = log (4.7 X 10^) = log 4.7 + log 10- 6 
= 0.67 + (- 6) = - 5.33 

Therefore 


pH - - log (H+) = - (- 5.33) = 5.33 
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Example 5. 

How many grams of NaAc must be added to 500 ml. of water 
to give a solution having a pH of 8.52? (Neglect the volume 
change due to the addition of the salt.) 

The reaction is 

Ac- + H 2 0 = HAc + OH- 

Jrom the value given for the pH of the solution, the (H + ) may be 
calculated. Then (OH - ) may be obtained from K^- = (H + )(OH~) 
= 1 X 10 -14 . In the NaAc solution (HAc) = (QH-). Having 
this information, the (Ac - ) in equilibrium with HAc and GH~ ion 
may be determined from the hydrolysis equilibrium. 

pH = - log (H+) = 8.52 
log (H+) = - 8.52 = - 9.00 + 0.48 
antilog ( — 9) = 1Q~ 9 and antilog 0.48 = 3.1 
Therefore (H+) = 3.1 X 10- M 
(H+)(OH-) = 1 X 10~“ 

(OH-) = = 3.2 X 10- M 


= 3.2 X 10- M 


If (OH - ) = 3.2 X 10— M, then (HAc) has the same value. 
The equilibrium expression for the hydrolysis reaction is 

(HAc) (OH - ) _ ^ _ Aw _ 1 X 1 0-“ _ K v 1ft _ u 
(A c=) H Ai 1.85 X 10- 

Then 

(HAc)(OH-) _ (3.2 X 10— ) (3.2 X 10-) = _ 10 

(Ac-) (Ac-) 

(3.2 X 10-) 2 10.2 X 10- 2 , „ ^ in _, , 

< Ac V ‘ 5.4 X 10-“ - 5.4 X 10- ' L9 X 


1.9 X 10— mole liter 


.019 mole/liter 


mole/500 ml. = .0095 mole/500 ml. 


The molecular weight of NaAc is 82. Therefore, .0095 mole/500 
ml. is equivalent to .0095 X 82 or 0.78 g. NaAc/500 ml. 

Example 6. 

(a) What is the concentration of the H+ ion and of the OH~ 
ion in a solution which is .05 M with respect to NH 4 CN? 

(b) What is the degree of hydrolysis of the NH 4 CN? 


'v; 




I 

If 


I ■' 
I i 

I 

I ’I 
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Ammonium cyanide is a salt of a weak acid and of a weak base. 
Both ions undergo hydrolysis in accordance with the equation 

NBU+ + CN- + H»0 - NH4OH + HCN 


The equilibrium expression is 


(NH«OH)(HCN) 


iXII ; 


3N~) 

A’h 


— Ka — 


K-w 


1 X 10- 14 


Al(base) Ai(acid) 

1 X 10~ 14 = Q264 


1.8 X 10~ 5 X 2.1 X 10~ 9 


3.78 X 10- 


We shall assume that for every NH 4 + ion which hydrolyzes, a 
CN - ion also hydrolyzes. It can be shown readily that this 
assumption is a justifiable one provided the concentration of the 
NH 4 CN is not exceedingly low. Let X be the number of moles of 
NHA ion undergoing hydrolysis; then X is also the number of 
moles of CN" ion hydrolyzed. Since the initial concentration of 
the NILCX is .05 M and since the salt is completely ionized, the 
initial concentration of NILr ion and of CN - ion is each .05 M. 
But at equilibrium, (NH. 4 + ) = (.05 - X), and (CN - ) = (.05 - X). 
The 11 


(NH 4 OH)(HCN) 


X X X 


X 2 


(NH 4 +)(CN-) ' (.05 - X)(.05 - X) ~ (.05 - X ) 2 

Taking the square root of both sides of the equation, we have 
X 


0.264 


.05 


0.514 


0.514X 


X 

X = .0257 
1.514X = .0257 

X = .017 mole/liter = (NH 4 OH) = (HCN) 

The value for the (H+) may be calculated from the known 
amount of HCN produced and from the amount of CN~ ion re- 
maining unhydrolyzed. The (HCN) was found to be .017 M; 
while the value for (CN - ) is (.05 - X) or (.05 - .017) or .033 M. 
The equation for the ionization of HCN is 

HCN = H+ + CN- 
while the equilibrium expression is 

(H+HCN-) 

(HCN) 


= Ki «= 2.1 X 10 -9 
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Substituting in this expression the known values of (HCN) and 
(CN - ), we have 

- 2.1 X 10- 

.017 X 2.1 X 10 -9 

(■“• ) 


(H+) = 1.08 X 10- ,J mole/liter 
The (OH - ) then must be 

(0H - ) = TW^F* = °' 93 >< 


0.93 X 10“ 5 mole /liter 


The value for (OH ) could have been calculated from the 
known amounts of NH 4 OH and NH 4 + ion present in the solution. 

NH 4 OH - NH 4 + + OH" 

» d - *■ - ls x io - 


Since (NH 4 OH) has a value of .017 M and the (NH 4 + ) a value of 
.033 M, then 

'° 33 oif ~ = 1-8 x 10-6 


(OH - ) = 


.017 X 1.8 X 10 -5 


= 0.93 X 10~ 5 mole/liter 


This value is the same as that obtained in the first calculation. 

The degree of hydrolysis is the number of moles of NH 4 CN 
hydrolyzed divided by the total amount of NH 4 CN originally 
present. 

X .017 _ 


Degree of hydrolysis = 


1ST " °' 34 


The per cent hydrolysis = 0.34 X 100 = 34% 

Experiments show that the concentration of the H + ion in a 
solution of NH 4 CN is the same for all concentrations of the salt, 
provided the concentration is not too high, in which case the 
Law of Mass Action fails to hold, and provided that the concen- 
tration of the salt is not excessively low, in which case the degree 
of hydrolysis of the NH 4 + ion cannot be regarded as the same as 
that of the CN” ion. At intermediate concentrations of NH 4 CN 
the (H + ) is independent of the salt concentration and has a value 
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which is determined by the values of the three equilibrium con- 
stants, namely, A w , K 1(hase) , and K Ua This relationship is 

m+1 = \/ Kw ' K L^ 

} V AlCbase) 

We may arrive at this conclusion in the following manner. 
From the equilibrium expression for the ionization of HCN 

(H + ) (HCN) 

Hl(acid) (CN~) 

From the hydrolysis equilibrium we have 

(NH 4 OH)(HCN) _ Aw 


(NH4 + )(CN-) 


^-l(base) -^-l(acid) 


But since and since the latter expression 

' (INitf J (OiN ) 


(H+) 

Ajfacjd) 


Kw 

Ai(baae) Aj(acid) 


t /HCNV ( H+ V _ A w 

v.c nave [ C K- ) ~ \ Kl(aciA) ) A I(basc) A I(acid) 

Then (H+) 2 = fi 

-n* I (base) -nj(acid) 

( H+ )2 __ -^1 (acid) 

•^l(base) 

and (H+) = i 

* -^-I(base) 

Substituting into this expression the values for the constants, we 

have 

/tT4A 4 fl X 10“ 14 X 2.1 X 10" 9 , AO w „ A 0 , 

(H ) = y Y S~yTlQr^ = X 10“ 9 mole/liter 


1.08 X 10“ 9 mole/liter 


This value for the (H + ) is the same as that originally obtained 
directly from the hydrolysis equilibrium. It may be advantageous, 
as the occasion arises, to make use of this expression for calcu- 
lating the concentration of the H + ion in a solution containing 
the salt of a weak acid and of a weak base. 

Example 7. 

Calculate the solubility of PbS in water: 

(a) Neglecting the hydrolysis of the S — ion. 

(b) Considering the hydrolysis of the S — ion. 
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The hydrolysis of the S ion becomes a very important factor 
in calculating the solubilities of sulfides from their solubility 
product constants and, conversely, in calculating the solubility 
product constants from solubility data. When hydrolysis is taken 
into account the solubility of any slightly soluble sulfide is about 
ten thousand times greater than that calculated by neglecting 
hydrolysis. 

(a) First calculate the solubility of PbS neglecting hydrolysis. 
(Kb . p . for PbS = 7 X 10" 30 .) 

PbS (s) = Pb++ + S— 

Let X equal the number of moles of PbS dissolved in 1 liter of 
solution. Then X will be equal to (S““) and (Pb +4 ‘). 

(Pb++)(S“) = X 2 - 7 X 10~ 30 

X = 2.6 X IQ" 15 mole/liter 

Therefore, the solubility of PbS in water is 2.6 X 10~ 15 M, if the 
hydrolysis of the S ion is neglected. 

(b) In considering the hydrolysis of the S~“ ion we can assume 
that only the first step of hydrolysis is important, since the second 
step is negligibly small. 

S— + H 2 0 - HS~ + OH- 

The value for K u for this reaction as calculated previously in 
Example S is 8.3, and we found the S~~ ion to be hydrolyzed to 
the extent of 99% in 0.1 M Na 2 S solution. At lower concentra- 
tions the hydrolysis of the S ion is even greater than this. If 
the concentration of the S — ion were extremely small, of the 
order of magnitude of the concentration of the QH“ ion in water, 
then the hydrolysis would be reduced somewhat due to the 
common ion effect of the OH“ ion. Nevertheless, the S“ ” ion at 
a concentration of 1 X 10 -15 M would be practically completely 
hydrolyzed. In such an event the concentration of the OH- ion 
produced by the hydrolysis would be only 1 X 10 lo M. This 
value is small compared with the concentration of the OH" ion 
already present in water, namely, 1 X 10 -7 M. Therefore, though 
the hydrolysis of the S ion in a saturated solution of Pbfe may 
be complete, the (OH - ) in the solution w T ill still have a value of 
1 X 10“ 7 M. Accordingly, 
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(HS-KOH-) (HS-) X 1 X IQ- 7 _ *, _ e 0 
(S-) “ (S— ) H 

(HS-) o 3xl0 , Qr , s __v = (HS-) 
( S — ) 8 X 10 } 8.3 X 10 7 


From this ratio we see that there are more than 80 million 
times as many HS~ ions as S ions in solution and that the 
hydrolysis is almost complete. From the two equilibria involved 
here 

PbS {8) = Pb++ 4 S— 

S — 4- H 2 0 = HS~ 4 OH” 

it is evident that for every S ion which is removed by hydrolysis, 
one Pb^ 4- ion and one HS” ion are produced. Therefore, the con- 
centration of the Pb ++ ion will be practically the same as the 
concentration of the HS" ion in solution. 

Substituting the value for the S ion concentration in the 
solubility product expression, we have 



(Pb ++ )(S — ) - (Pb++) ; 

<Fb++) - (HS"), 
(PbV ) 2 


8.3 X 10 7 


7 X IQ- 31 


8.3 X 10 7 


(Pb++) 2 = 5.8 X 10“-- 
(Pb ++ ) = 2.4 X 10 _u mole/liter 

Therefore, the solubility of PbS in 1 liter of solution is also 
2.4 X 10““ mole per liter, which value is approximately ten 
thousand times greater than that obtained (2.6 X 10 _ls M) when 
hydrolysis is neglected. 

If we were to consider the second step of hydrolysis, 

HS" + H 2 0 = H 2 S + OH- 

the calculated solubility would be further increased but the order 
of magnitude of the solubility would not be appreciably changed. 
In addition, the Pb++ ion undoubtedly hydrolyzes to give Pb(OH)+ 
ion and Pb(OH) 2 , and these effects would also increase the solu- 
bility of PbS. 
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Example 8. 

Calculate the concentration of (a) the ion, (b) the OH~ 
ion, (c) the HC0 3 ~ ion, and (d) the C0 3 ~~ ion in a solution which 
contains 0.1 mole of NaHC0 3 per liter. 

Since NaHC0 3 is a salt it is completely ionized to give Na 4 
and HC0 3 " ions. The HC0 3 “ ion is not only a weak acid itself 
but it is also an ion of another weak acid, H 2 C0 3 . Therefore, the 
HC0 3 " ion takes part in two reactions in water solution, 

HCO3- + HoO = H 2 C0 3 + OH- (1) 

and 

HC0 3 - - C0 3 — + H+ (2) 


Reaction (1), the hydrolysis of the HC0 3 ~ ion, produces OH~ 
ion, while reaction (2), the ionization of the HC0 3 ~ ion, produces 
H + ion. As both reactions proceed, the H 4 * and OH” ions formed 
are practically all used up in the formation of water, 

H+ + OH- - HoO (3) 

Adding equations (1), (2), and (3), we have 

2HCO3- «= H 2 COs + CG 3 (4) 

The equilibrium expression for (4) is 

(H 2 C0 3 )(C0 3 — ) _ jjr 

(HCO s -) 2 ' (4) 

When equations are added, the corresponding equilibrium 
expressions are multiplied. Therefore the numerical value for 


(H+)(OH-) 


Cancelling (H+) and (OH-) in the numerator and denominator, 

(H 2 C0 s )(C0 3 ) jy- v x? v — K 
(HCQ 3-) 2 " = Km X Km X K&) ” Kw 

K ( i) is the hydrolysis constant for the HCOs - ion and has a value of 

1 x 10 ~ 14 .- x (21 is the ionization constant for the second stage of 
3.5 X 10~ 7 ’ () 

ionization of carbonic acid and is equal to 7 X 10 11 ; and iv<3) 
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equals — or , W - Substituting these values in the above 
iV\v 1 X 10 14 

expression, we have 

(HsCO,)(CO»~) _ 1 X 10 -» v 7 X 10- 11 v 1 
(HCO,r) 2 3.5 X 10- 7 1 IX 10- 14 

= 2 X 10- 4 = K w (5) 

Referring to equations (1), (2), and (3), it is seen that for every 
OH- ion which reacts with H + ion to form water, one H 2 C0 3 
molecule and one C 0 3 — ion are produced. Therefore, for practical 
purposes we are justified in making the assumption that at equi- 
librium the (H2CO3) will be the same as the (C 0 3 ). We can 

also assume that since reactions (1) and (2) predominate to the 
left, the (HCO3-) remains practically unchanged; therefore, in 
this case the value for (HC 0 3 - ) will be for all practical purposes 
0.1 M. 

Making use of equation (5) and letting (H 2 CO 3 ) and (CO3--) 
each be X, we have 


X- 

(0.1) 2 


2 X 10- 4 


X" = 2 X 10~ 6 

X = 1.42 X 10~ 3 mole/liter = (H 2 C0 3 ) = (CO,—) 


Having obtained the values for (H»C0 3 ) and (C0 3 — ), (H+) and 
(OH ) may then be calculated from the equilibrium expressions of 
(1) and (2). Taking reaction (2), we have 


(H + ) (CO3 ) _ 
(HCO3-) 

(H+) = 


(H+) X 1.42 X 10-- 1 
0.1 

0.1 X 7 X 10- 11 
1.42 X 10- 3 ~ 4 


= K m = 7 X 10- u 
.95 X 10 -9 mole/liter 


The value for (OH ) may then be obtained from the water 
equilibrium as follows. 

1 v m -‘ 4 

(OH“) - — = 2.1 X 10- 6 mole/liter 


The NaHCOs solution is found to be basic. 

The value for the concentration of the hydrogen ion in this 
solution may be obtained more conveniently by making use of a 
general rule which can readily be showm to hold for acid salts of 


ill 
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the type NaHC0 3 . The rule states that the (H + ) is equal to 
the square root of the product of the two ionization constants 
for the dibasic acid. Thus, in the present case, 

(H+) = \ r K h X X7 2 

(H+) = V3.0 X 1 Q~ 7 X 7 X 10- 11 

(H+) = V24.5 X 10~ 18 

(H + ) = 4.95 X 10“ 9 mole/liter 

This value is the same as that obtained in the previous calcula- 
tion. Since the latter calculation does not involve the concentra- 
tion of the dissolved NaHC0 3 , the value obtained for (H + ) must 
be the same for all concentrations of the salt. Within certain 
limits of concentration this statement is true, but if the NaHC0 3 
were present at very low concentrations, of the order of magnitude 
of that of the ions of water, then the relationship would fail to 
hold. On the other hand, if the concentration of the NaHCOs 
were very high, the relationship again would not hold since at 
high concentrations the Law of Mass Action is not applicable. 
However, at intermediate concentrations, this relationship applies 
to such acid ions as HC2O4 - , H2PO4*", H 2 P 0 3 _ , HS0 3 ”, HS”, and 
others. 

QUESTIONS AND PROBLEMS 

1. Write the equation representing the dissociation of water 
into H + and OH" ions. Explain why the addition of more water 
will not shift this equilibrium. How may this equilibrium be 
shifted? 

2. Why is the equilibrium expression for the dissociation of 

water written (H + ) X (OH") and not ^ — ~? 

3. When solid sodium acetate is added to water why do not 
all of the acetate ions combine with hydrogen ions to form acetic 
acid? 

4. Does (a) the salt of a weak acid and a strong base, (b) the 
salt of a strong acid and weak base, (c) the salt of a strong acid 
and strong base, (d) the salt of a weak acid and weak base, pro- 
duce a solution which is acidic, basic or neutral? 

5. Show that the hydrolysis constant for a salt of a strong base 
and weak acid is equal to the ionization constant for water divided 
by the dissociation constant for the acid. 
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6. Show that the hydrolysis constant for the first step of 
hydrolysis for the salt of a strong base and a weak dibasic acid is 
equal to the ionization constant for water divided by the second 
dissociation constant for the acid. 

7. Explain why aluminum hydroxide and not aluminum 
carbonate is precipitated from solution when a solution of sodium 
carbonate is added to one of aluminum sulfate. 

8. Why is BaS not stable when added to water? 

9. Why is the carbonate ion concentration in a solution of 
ammonium carbonate less than it is in a sodium carbonate solu- 
tion of the same molarity? 

10. Explain by the Rule of Le Chatelier w-hy the degree of 
hydrolysis of sodium acetate increases as the solution is diluted. 

11. Write equations for the hydrolysis reactions occurring when 
sodium carbonate is dissolved in water. 

12. If a 0.1 molar solution of HCN is neutralized by a 0.1 
molar solution of NaOH the two solutions do not neutralize 
each other when the H + ion concentration is 10~ 7 molar but rather 
when the H + concentration is about 10~ n molar. Explain. 

13. What is a buffer solution? Explain its action. 

14. Write the ionic equations for the reaction representing the 
hydrolysis of each of the following salts: 

(a) Ammonium chloride — NH 4 C1 

(fa) Sodium acetate — NaC 2 H 3 0 2 

(e) Methyl ammonium chloride — CH 3 NH 3 CI 

(d) Sodium benzoate — NaC 6 H 5 C0 2 

(e) Potassium cyanide — KCN 

(f) Sodium phenoiate — NaC 6 H 5 0 

(g) Barium nitrite — Ba(N0 2 )2 

(h) Lithium formate — LiCH0 2 

(i) Dimethyl ammonium chloride — (CH 3 ) 2 NH 2 CI 

(j) Potassium propionate — KC 3 H 5 0 2 

15. Calculate the hydrolysis constant for each of the salts listed 
in problem 14. (Ki for the corresponding acids or bases are given 
In tables in the Appendix.) 

18. Calculate the (H + ) for (a) a 0.1 molar, (b) a .01 molar 
solution of each of the salts listed in problem 14. 

17. W hat is the pH value for each of the solutions in problem 16? 
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18. What is the degree of hydrolysis for each salt in problem 16? 

19. How many grams of sodium acetate must be added to 1 
liter of water to give an OH~ ion concentration of 1 X 10~ 5 

mole/liter? 

20. How many grams of NH 4 C1 must be added to 1 liter of 
water to give an OH~ ion concentration of 10~ 9 mole/liter? 

21. How many moles of NH 4 C1 must be added to 1 liter of 
water to give the same pH value as a 0.1 molar solution of HCN? 

22. (a) Using only .Ki(HAc), calculate the H + concentration in a 
solution containing 0.1 mole sodium acetate and 0.1 mole acetic 
acid, (b) Repeat the calculation using iv H - 

23. What is the concentration of the undissociated HAc in a 
solution containing 1 mole NaAc per liter? 

24. A .01 molar solution of NaCN is found to be hydrolyzed to 
the extent of 2.2%. What is the value of the ionization constant 
for HCN? 

25. Show by calculation whether it is possible to make a solu- 
tion of sodium formate concentrated enough to produce the same 
OH - concentration as that of a .001 molar solution of KCN. (In 
this case assume the Law of Mass Action to hold for concentrated 
solutions.) 

26. Calculate (a) the hydrolysis constant, (b) the H + ion con- 
centration, and (c) the degree of hydrolysis for a 0.1 M Na 3 C0 3 
solution. (Neglect the second hydrolysis step.) 

27. What will be the minimum concentration of a NaAc solu- 
tion necessary to begin the precipitation of Mg(OH)2 if equal 
quantities of this solution and one containing 0.2 mole Mg ++ ion 
per liter are mixed? 

28. Solid Na 2 S is added slowly to a .01 M FeS0 4 solution. 
Which will be precipitated first, Fe(OH) 2 or FeS? 

29. Calculate the H+ ion concentration in the resulting solution 
when equal amounts of the following are mixed : 

(a) 0.1 M HC1 and 0.1 M NH 4 OH 

(b) 0.1 M HC1 and 0.1 M NaOH 

(c) 0.1 M H 2 SO* and 0.1 M NaOH (see p. 130) 

(d) .02 M HAc and .02 M NaOH 

(e) 0.1 M H 2 S and 0.2 M NaOH 

30. Calculate the CO3 — ion concentration and the OH - ion 
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b concent ration in a .01 M solution of NaHCCb. (See Example 8 , 

1 page 187.) 

1 31. If MgCl> is added slowly to a solution which is 0.1 M with 

respect to NaHC0 3 , which will begin to precipitate first, Mg(OH) 2 
I; or MgCQ 3 ? (See Example 8 , page 187.) 

32. Calculate the solubility in moles per liter of the following 
[ sulfides in water, (1) neglecting the hydrolysis of the S ion, 

I (2) considering the hydrolysis of the S ion. 

|| (a) CdS (b) CuS (c) PbS (d) Ag 2 S (e) CoS 

| 33. What must be the ratio of (A<r) to (HAc) in a buffer solu- 

tion made up of acetic acid and sodium acetate if the H” ion con- 
centration is to be maintained at 1Q~ 5 M ? 

[ | 34. What is the concentration of the H + ion in a solution which 

is .01 .1/ with respect to ZnCh? (ifj(Zn(OH) + has a value of 
if 4 X 10- 8 .) 

| 35. Calculate the ratio of the (HPOi ) to (H»PO.r) in a solu- 

tion in which these two ions are used as a buffer, if the pH of the 

I I solution is to be maintained at (a) 6.0, (b) 7.0, and (c) 8.0. Assume 

i that the H + ion concentration is controlled entirely by the re- 

|| f action H«POr = H+ + HP0 4 ". 


f 

| 
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EQUILIBRIA INVOLVING COMPLEX IONS 

For the sake of simplicity and because of a lack of definite 
information we designate an ion in solution merely by the 
symbol of the element or radical and by the charge which 
the ion carries. Thus, hydrogen ion is written as H+; 
sodium ion, Na+; chloride ion, Cl~; sulfate ion, S0 4 — , etc. 
There is sufficient evidence for the argument that no ion 
exists in solution as a simple charged atom or group as its 
chemical symbol might imply. It has been shown by experi- 
ments designed to determine the relative amounts of elec- 
tricity carried by various ions in solution that ions carry 
with them relatively large quantities of water. Although 
it is not possible as yet to determine the absolute amount of 
water carried by each, these experiments do allow calcula- 
tions to be made concerning the amount of water carried 
by an ion of one element or group, relative to that trans- 
ported by an ion of another element or group. For example, 
if we arbitrarily assume that the fastest moving ion, the 
hydrogen ion, carries a minimum amount of water, one 
molecule, then the potassium ion carries on the average 
about five; the sodium ion, eight; the lithium ion, fourteen; 
while the chloride ion carries about four molecules of water. 
These numbers are known as the hydration numbers of the 
ions. These hydration numbers vary with the concentra- 
tion of the solution. They are related to the speeds of the 
ions, in that an ion carrying a large amount of water moves 
slowly in comparison with an ion which carries a relatively 
small amount of water. 

From what has been said in earlier chapters regarding the 
attractive forces between ions of opposite charge, it would 
seem reasonable to expect that these attractive forces also 
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exist between ions and water molecules to give rise to hy- 
drated ions, since the water molecule is a dipole having 
separated positive and negative centralizations of charge. 
Polar molecules tend to attract each other to form aggregates 
of molecules and, similarly, we might conclude that polar 
water molecules are attracted to charged ions in solution. 
Accordingly, we may look upon all ions as solvated in solu- 
tion, i.e., having molecules of solvent attached to them. 

The union between most ions and water molecules is not 
a very firm one and the law of definite proportions does not 
apply in this case, since the amount of water held by each 
ion is very probably indefinite. In the case of the cobalt 
ion, however, a compound is formed, i.e., a very definite 
number of water molecules attach themselves firmly to each 
cobalt ion. Other substances besides water react with some 
ions in solution in a definite way and form complex ions. 

The Hydronium Ion. Since the hydrogen ion moves much 
faster than any other ion in solution when subjected to an 
electric field, we believe that it has associated with it less 
water than other ions. If we assume that it combines with 
one molecule of w T ater, we may write its formula as H+(H 2 0) 

or H s O+. „ ^ 

H+ + H 2 0 *= H 3 0+ (1) 

The latter ion is known as the hydronium ion and is believed 
by many to represent the condition of the hydrogen ion in 
water. The evidence for the existence of such a combina- 
tion is somewhat indirect. 

When two substances react with each other to form a third 
substance, an energy change takes place winch usually mani- 
fests itself in the form of heat; heat is either liberated or 
absorbed. The former is the more usual case. This heat 
effect is usually large when the substance formed possesses 
great stability. In general, the smaller the heat effect the 
less stable is the product. When one substance dissolves 
in another, an energy change likewise results. Heat is 
usually, not always, absorbed in the process of solution, but 
the magnitude of the energy change is usually very small 
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compared to that involved in a chemical reaction. When 
HC 1 , H2SO4, HBr, HNO3, and similar substances are placed 
in water a very large amount of heat is liberated, much more 
than one would expect from the simple process of solution. 
On the contrary, when sodium chloride is placed in water, 
a small amount of heat is absorbed. Many other salts be- 
have similarly. Where the hydrogen ion is involved in the 
process of solution, the amount of heat liberated is com- 
parable with that of many chemical reactions. This behavior 
may be ascribed to the formation of the hydronium ion. 

If we assume that one molecule of water is associated with 
the hydrogen ion, the resulting hydronium ion may be repre- 
sented structurally as being similar to the ammonium ion. 
The hydronium ion is a complex ion and is the fundamental 
particle used in the Brpnsted definitions for the explanation 
of acid-base reactions. 

The Ammonium Ion. Pure liquid ammonia, boiling point 
- 33.5° C, is a poorer conductor of electricity than is pure 
water; the conductivity of water is at least 10,000 times 
greater than that of ammonia. When hydrogen chloride is 
placed in pure ammonia the resulting solution is found to be 
an excellent conductor of electricity; the value of its con- 
ductivity is of the same order of magnitude as that of hydro- 
gen chloride in water. In this case a reaction takes place 
which involves the formation of a new ion. The ion pro- 
duced is quite familiar to us, the ammonium ion, and its 
formation may be expressed by the equation, 

H+ + NH, = NHU (2) 

The amm oni u m ion is a complex ion and may be looked 
upon as an analogue of the hydronium ion. It differs from 
the hydronium ion in that it forms salts with negative ions 
which possess considerable stability. When the excess am- 
monia from the solution just considered is allowed to evapo- 
rate, a solid remains which upon examination is found to be 
ammonium chloride. It is known that solid ammonium 
chloride may be heated to several hundred degrees before 
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it noticeably dissociates to give ammonia and hydrogen 
chloride. Ammonia reacts in a similar manner with many 
other hydrogen compounds; thus HBr, HI, H 2 S0 4 , and 
HNOs form ammonium salts with ammonia, all of which are 
highly stable in that, they may be crystallized from solution. 

Pure ammonia ionizes very slightly in accordance with the 
equation, 

NH 3 = H+ + NHr (3) 

The hydrogen ion formed in this process combines with 
ammonia, as expressed in equation (2). The NH 2 ~ (amide) 
ion in liquid ammonia corresponds, to the OH - ion in water, 
and metal ions in combination with the NH 2 ~ ion behave 
as bases. 

Like hydrogen chloride in water (hydronium chloride), 
ammonium chloride behaves as an acid in liquid ammonia. 
It will react with ammono bases such as potassium amide, 
KNIT, sodium amide, NaNH 2 , etc., to form salts and am- 
monia. These reactions are analogous to those between 
hydrochloric acid and hydroxides in water. Typical reac- 


tions in the two solvents may be written : | 

H = 0+ + OH- = 2H 2 0 (4) 

NH 4 + + NHo- - 2NH 3 (5) 

One of the characteristic properties of an acid in an aque- 
ous medium is its ability to react with certain metals with 
the displacement of hydrogen. Thus, 

Zn + 2H+ = Zn ++ + H 2 (6) 

or, using hydronium chloride, 

Zn + 2H 3 0 + = Zn ++ + H 2 + 2H 2 0 (7) 

Ammonium chloride in liquid ammonia behaves in a similar 
manner, 

Zn + 2NH*+ = Zn++ + H 2 + 2NH 3 (8) 


Like the hydronium ion in water, the ammonium ion in 
ammonia Is an acid. The only essential difference between 
the two is that the ammonium ion possesses a far greater 
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stability at ordinary temperatures than does the hydronium 
ion. The similarity of water to ammonia leads to the as- 
sumption of the hydronium ion as the analogue of the am- 
monium ion. However, for most purposes it is immaterial 
which formula we use. Simplicity recommends the use of 
the symbol H + rather than HsO + for the hydrogen ion in 
water solution. 

Solid Hydrates and Ammonates. The ability of ions to 
combine with water and ammonia molecules is not limited 
to the hydrogen ion. As we previously stated, attractive 
forces exist between ions and polar water molecules, and 
all ions are more or less associated with water in this me- 
dium. In most cases the resulting combination, which is not 
a definite one, is capable of existence only in solution. Some- 
times a crystalline product containing water may be obtained 
from solution. The number of such compounds is relatively 
large; only a few familiar examples may be mentioned 
here, such as CuS0 4 • 5H 2 0, CaCl 2 • 6H,0, Na,S0 4 • 10H,() 
and CrCl 3 • 6H 2 0. These addition compounds, made up of 
salts and water molecules, are commonly called hydrates. 
The fact that these solids contain water in definite propor- 
tions is no assurance that definite proportions hold true in 
solution. The crystal lattice, i.e., the space distribution in 
the crystal, allows a definite number of water molecules to 
be associated with each particle (ion or atom) in the crystal. 
Such restrictions do not prevail in solution. 

Ammonia shows an even greater tendency to combine "with 
ions both in water and in liquid ammonia to form analogous 
solid compounds, called ammonates. Characteristic exam- 
ples of such combinations are CuS0 4 • 4NH 3 , CaCl 2 • 8NH 3 , 
CrCb • 6NH 3 and CoCh • 6NH3. All of these ammonates 
may be crystallized from solution and upon analysis they 
have been shown to be definite compounds. In general, 
the ammonates are more stable, both in solution and in the 
solid state, than are the analogous combinations containing 
water molecules. This property of ions or molecules to 
combine with solvent molecules is not confined entirely to 
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water and ammonia. Molecules of many other solvents 
show the same tendency to a greater or lesser degree. This 
fact is demonstrated clearly when one considers that there 
are known in well crystallized form several thousand com- 
binations similar to those mentioned above, in which water, 
ammonia, alcohols, amines and many other solvent mole- 
cules assume a definite part in the crystalline solid complex. 

Valence and Complex Molecules. An examination of 
complex molecules reveals that the valence relationships 
among their atoms cannot be explained by the ordinary 
concepts which apply fairly well to other types of molecules. 
It appears that in each instance the ion in the complex 
molecule exhibits a combining capacity which exceeds the 
primary or ordinary valence. Thus in [Cu(NH 3 ) 4 ]++ the 
copper ion displays the ability to acquire four additional 
molecules of ammonia. On the other hand, the cobalt ion 
takes on six molecules of water or ammonia. A similar' 
situation exists in many other known compounds. This 
additional combining capacity is usually spoken of as the 
auxiliary valence, which for the copper ion is four and for 
the cobalt ion, six. What is the nature of this auxiliary 
valence and what explanation can be offered to account 
for it? 

The periodic system and electronic structures of the ele- 
ments give some clue to an explanation of this unique 
situation. It will be recalled that the first two series of 
elements of the periodic table (see back cover) are capable 
of exhibiting a valence which is in accord with the number 
of electrons to be lost or gained in order to attain the rare 
gas structures. In such an event we postulate that electrons 
are transferred from one atom to another. Thus sodium 
loses one electron to form the normal sodium ion, Na+ 
which possesses the outer electronic structure of the rare gas 
neon. Chlorine, on the other hand, shows a marked tend- 
ency to pick up one electron and thereby form the negative 
chloride ion, Cl - , the outer electronic structure of which is 
argon, a rare gas of atomic number 18. A sodium atom 
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never loses more than one electron and a chlorine atom never 
gains more than one electron. In a like manner, the mag- 
nesium atom never loses more or less than two electrons and 
a sulfur atom never gains more or less than two electrons in 
their reactions with other elements. All the elements of 
these series, possessing a greater tendency to lose electrons 
than to gain them, show only one positive valence ; likewise, 
those which have a greater tendency to gain electrons than 
to lose them, show only one negative valence. However, 
some of the elements of these series which have a greater 
tendency to become electronegative than electropositive, 
may exhibit several positive valence numbers. Thus the 
sulfur atom may be regarded as partially losing, i.e., sharing, 
two, four or six electrons to give rise to corresponding 
valence numbers. Ions of these elements bearing positive 
charges in solution corresponding to these valence numbers 
are not known. 

When the periodic table is followed into the third series 
of elements (beginning with argon), scandium appears in the 
third group. This element is not very closely related to 
the preceding elements in the same group. Since it is in the 
first long series, between argon and krypton, w’hich series is 
composed of 18 elements, a shell of 18 electrons must be 
taken into consideration. In the case of scandium one 
electron falls back into a shell which already possesses a 
stable grouping of eight electrons ; this shell then contains 
nine electrons. This is the first step in the formation of an 
inner shell of 18 electrons. The same shell for the element 
titanium (atomic number 22, one greater than that of 
scandium) contains 10 electrons, for vanadium it contains 
11 electrons, etc., until zinc (atomic number 30) is reached, 
which has 18 electrons. This number persists in this shell 
as far as the next rare gas, krypton (atomic number 36). 
The fourth series of the periodic table is likewise, a long 
series and contains 18 elements, while the fifth series con- 
tains 32 elements, due to the 14 rare earth elements which 
occupy a single position in the table. The elements in these 
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long series have more than 8 electrons in the next to the 
outermost shell. The outermost shell contains the normal 
valence electrons. In the long series we find the elements 
which make up the sub-groups of the table and, in addition, 
the transition elements, such as iron, cobalt and nickel. 

Ions which show no auxiliary valence have a completed 
group of eight electrons in the outermost shell. Those dis- 
playing auxiliary valence have in their outermost shells 
either a completed or partially completed group of eighteen 
electrons. Thus, the magnesium ion (magnesium atom 
minus two electrons) has an outer group of eight electrons 
while the zinc ion has an outer group of eighteen. 

The auxiliary valence which is displayed in the formation 
of complex molecules is undoubtedly due to forces which 
result from the electrons of that shell immediately within 
the one containing the valence electrons of the atoms, i.e., 
the outermost shell of the ions. The binding between the 
metal ion and the solvent molecules is probably of the non- 
polar type. This fact is strongly suggested when one con- 
siders the properties of these complexes. 

The Coordination Theory of Werner. About the begin- 
ning of the century, Alfred Werner, a German chemist, made 
a thorough study of complex molecules and proposed a theory 
which fits their observed properties in a remarkable manner. 
He first introduced the concept of auxiliary valence, thus 
explaining the behavior of these compounds. Let us examine 
this theory in order to explain the properties of a typical 
complex molecule such as C0CI3 • 6NH 3 . This molecule is a 
salt, a good conductor of electricity in water solution, and 
its anion may readily be identified as the chloride ion by the 
precipitation of silver chloride when silver nitrate is added to 
its solution. All the chlorine is found in the anion form, and 
sulfuric acid converts the complex into the corresponding 
sulfate salt. Contrary to what might be expected, sulfuric 
acid fails to remove any ammonia molecules from the com- 
plex, even though ammonia and hydrogen ion have a great 
tendency to combine with each other to form the ammonium 
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ion, NH*+. It is therefore evident that the ammonia is 
associated in a very firm manner with the cobalt ion. On 
the basis of these properties and according to the theory of 
Werner the molecule is represented as [Co(NH 3 ) 6 ]C1 3 , or 


N1 

h 3 1 

nh 3 

nh 3 

\ 

/ 

Co 

/ 

\ 

nh 3 

nh 3 

n: 

h 3 


Cl* 


It is assumed that the addition of the six molecules of am- 
monia takes place through the auxiliary valencies. The 
complex grouping contains only a cobalt atom and am- 
monia molecules, and as a unit it does not possess properties 
characteristic of either constituent. The chlorine atoms, 
however, retain then characteristic properties, in that all 
three are readily removed by silver ions with the formation 
of silver chloride. Consequently, all three chlorine atoms 
must exist in solution as chloride ions. The conductivity 
of this complex in water solution has a value similar to that 
of a typical tri-univalent electrolyte such as ferric chloride, 
FeCl 3 ; hence the complex must produce four ions. Ac- 
cordingly, we may indicate its structure in solution as 

NH 3 

nh 3 I NH 3 

\ I / 

Co 

/ \ 

nh 3 
nh 3 


NH 3 


+++ 


+ 3C1- 


One molecule of ammonia may be easily removed from the 
cobalt complex discussed above by heating the solid to 250° C. 
This procedure produces the compound CoCl 3 • 5NH 3 . When 
this molecule is treated with silver ion in water solution, only 
two chlorine atoms are removed through the precipitation of 
silver chloride. In addition, the conductivity of this salt 
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shows it to be a bi-univalent electrolyte, producing only 
three ions. Its structure may be represented as 

Cl 1 ++ 

NHs ! nh 3 

X Co / + 2C1- 

NHs' 7 \ T H 3 
NH S J 

In like manner [Co(NH 3 ) 4 CyCl is found to be a uni- 
univalent. electrolyte, because of its conductivity and because 
silver ion reacts with only one chloride ion per molecule. 
[Co(NH s )jCy is quite insoluble in water and is a non- 
conductor of the electric current. Silver ion fails to pre- 
cipitate silver chloride when added to a solution of this 
compound. Continued removal of ammonia and the addition 
of potassium nitrite produces K[Co(NH 3 ) 2 (N0 2 )4], which is 
found to be a uni-univalent electrolyte and to ionize as 

K[Co(NH 3 ) 2 (N0 2 )4] = K+ + [Co(NH 3 ) 2 (N0 2 ) 4 ]- (9) 
Here the cobalt atom is contained in the complex anion. 
The resulting charge on the complex ion is negative because 
the nitrite ions replacing the ammonia molecules in the 
complex are themselves negatively charged. The resulting 
charge on any complex ion can easily be determined by tak- 
ing the algebraic sum of the charges on the constituent parts 
of the complex ion. Thus, in this case, 

Co +++ contributes 3 + 

2NH 3 contribute 0 
4N0 2 ~ contribute 4 - 
resultant charge 1 - 

The next member of the series is not known, but its 
formula would be K 2 [Co(NH 3 ) (N0 2 ) 5 3, a uni-bivalent elec- 
trolyte. The last member of the series is well known as 
potassium cobaltinitrite which is only slightly soluble in 
water. In one of the analytical tests for potassium ion, the 
sodium salt, Na 3 [Co(N0 2 ) 6 ], is added to a solution of the 
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unknown. In dilute solution N aK 2 £Co (N O2) c] is precipi- 
tated if potassium ion is present; in concentrated solution 
K 3 [Co(N0 2 )6] may be formed. The latter is a uni-trivalent 
electrolyte, as shown by the magnitude of its conductivity, 
and ionizes in solution to produce four ions, 

K 3 [Co(N 0 2 ) 6 ] = 3K+ + [Co(N0 2 ) 6 ] — (10) 

The following series of platinum compounds is also 
well established: [Pt(NH 3 ) 6 ]Ch, [Pt(NH 3 ) 5 CllCl 3 , 
[Pt (NH 3 ) 4CIJCI2, [Pt(NH 3 )3Cl 3 ]Cl, [Pt(NH 3 ) 2 Cl 4 ], 

pPt(NH 3 )Cl 6 (]K, and [PtCl 6 ]K 2 . It will be observed that, 
the number of single constituents associated with the cen- 
tral atom in the complex cation or anion, as the case may 
be, in both the cobalt and platinum series, is always six. 
This number is known as the coordination number, which 
for most ions is usually 4 or 6. In the case of the well-known 
copper-ammonia complex ion, [Cu(NH 3 ) 4 ]++, the coordina- 
tion number of the copper is 4. 

The coordination number of an ion in many instances is 
equal to twice the charge on the ion. Thus the coordination 
number of Cu ++ is 4; that of Zn++, 4 ; that of Ag+, 2; that 
of Cu + , 2; and that of Co +++ , 6. This rule is not a rigid 
one; the most common exception is the coordination num- 
ber of 6 for Fe ++ in the ferrocyanides. 

The complex anion or cation or molecule is sometimes 
designated as the coordination sphere. Thus the coordina- 
tion sphere of the compound £Co(NH 3 ) 6 C1]C1 2 contains one 
cobalt atom, five molecules of ammonia and one chlorine 
atom. Polyvalent acid radicals, such as S0 4 , C0 3 , 
O2O4 — (oxalate) ions, may be taken up by the central 
atom and occupy two positions in the coordination sphere; 
for example, in the complex nCo(NH 3 ) 4 S0 4 ]Cl, the coordina- 
tion number of the cobalt ion remains as 6. Although the 
examples given above for the cobalt and platinum series con- 
tain only ammonia molecules, it must be remembered that 
water and other solvent molecules can occupy positions 
within the coordination sphere. The ammonia complexes 
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are chosen here since they are well defined and relatively 
simple. Examples of complexes which contain other kinds 
of molecules are: [Cr(H 2 0) 6 ]Cl 3 , [Cr(H 2 0)4Cl 2 ]Cl, 

[Cu(H 2 0) 4 ]S0 4 , K 4 [Fe(CN) 6 ], K 2 [Ni(CN) 4 ], K[Ag(CN) 2 ], 
and [Co(NH 3 ) 6 (H 2 0)]C1 3 .* 

Complex Anions. Most of our attention thus far, in rela- 
tion to complex molecules, has been directed toward the prop- 
erties of complex cations. However, the complex anions are 
not only commonly encountered in analytical procedures 
but are of the greatest importance in the separation of 
groups of elements and of the individual elements and their 


ions. 

A complex anion frequently encountered in analytical 
procedures is the argenti-cyanide ion, Ag(CN) 2 ~\ Silver 
cyanide is one of the slightly soluble salts of the silver ion; 
its solubility product constant is 2.2 x 10~ 12 . However, 
when potassium cyanide is added to a suspension of the solid 
silver cyanide in water, it is found to dissolve readily. 
Since potassium chloride, which furnishes a high concen- 
tration of potassium ion in water, does not affect the 
solubility of the silver cyanide appreciably, it may be con- 
cluded that the cyanide ion is the constituent responsible 
for the reaction, which we may express in the form of an 
equation, 

AgCN(solid) + CN- = Ag(CN) 2 - (11) 

11 

Ag+ + CN- 


Here the silver cyanide combines with the negative cyanide 
ion to form a complex anion. This reaction is typical of the 
reactions of the ions of the copper group, zinc group, and 
of the transition elements of the periodic table, which are 
in accord with the views presented earlier in this chapter. 

Other examples of cyanide complexes are: Fe(CN) 6 , 

Fe(CN) 6 , Au(CN) 2 -, Cd(CN) 4 “, Cu(CN)," , and 


* For a more detailed account of the nomenclature and general properties 
of complex molecules, see Robert Schwarz, Chemistry of the Inorganic Complex 
Compounds , tr. by L. W. Bass, John Wiley and Son, New York, 1923. 
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Hg(CN)4 ions. The halogens, thiocyanate group, thio- 
sulfate group and other constituents may take the place 
of the cyanide group in many of these compounds to give 
complex anions. Many of these substances are not only of 
importance in analytical chemistry but also in applied 
chemistry. The extraction of gold from its ores and the 
electrorefining of silver and of copper are well-known cases 
of the application of the chemistry of complex anions to 
industrial processes. 

Homoatomic Anions. Many complex anions are known 
which are formed by the combination of negative ions with 
neutral atoms or molecules. When the neutral atom or 
molecule and the negative ion of such a complex involve 
only a single element, then the complex anion is known as a 
homoatomic anion. Potassium iodide is a salt which in water 
solution ionizes completely to give potassium and iodide 
ions. Although iodine displays a very low solubility in pure 
water, -when added to an aqueous solution of potassium 
iodide it dissolves readily. Properties of the solution, such 
as the lowering of the freezing point and the conductivity, 
indicate the presence of only two ions. This and other 
evidence points to the conclusion that a tri-iodide ion is 
formed through the reaction, 


The combining weights are also in agreement wdth this 
equation. Thus it appears that the negative iodide ion 
takes up a molecule of iodine, I 2 , to form a complex anion, 
the type which has already been designated as a homoatomic 
anion. Although this reaction proceeds only as far as the 
tri-iodide stage in water solution, in the solid condition io- 
dide ions of greater complexity are easily produced. Thus, 
the iodide ion under suitable conditions will take up mole- 
cules of iodine to form complex anions, I 6 ~, I? - , and hr. 
As might be expected, an odd number of iodine atoms is 
always present in the complex anion. Ions having an even 
number of iodine atoms are not known. 
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Many other negative ions show properties conforming to 
those of the iodide ion, one of which we shall consider in re- 
lation to analytical procedures and problems of analysis, 
namely, the sulfide ion, S“ . This ion in water solution re- 
acts with sulfur to produce complex anions which contain 
only sulfur atoms and bear a charge of — 2 ; the first stage 
of the reaction is represented by the equation, 

S — + S = Sr- (13) 

Evidence points to further reaction to form S 3 , S 4 , S 5 — 
ions, and perhaps anions containing a larger number of sulfur 
atoms. It will be observed that each ion carries a charge 
of - 2 , regardless of the number of sulfur atoms it contains. 

In the separation of the arsenic from the copper group, 
yellow ammonium sulfide is used, since this reagent dissolves 
the sulfides of the arsenic group but not those of the copper 
group. The exact composition of the ammonium polysulfide 
is not known; the solution undoubtedly consists of a mixture 
of several of the complex sulfide ions mentioned before. 
For simplicity we shall regard it as containing chiefly S 2 — 
ions. Taking arsenous sulfide as typical of the arsenic 
group, we may illustrate the action of the ammonium poly- 
sulfide (yellow ammonium sulfide) by the equation, 

AS 2 S 3 (solid) + 3 S 2 = 2AsS 4 + S (14) 

The arsenous sulfide is oxidized by the polysulfide solution 
to the thioarsenate ion, AsS 4 — , which is an example of 
another type of complex anion. The sulfur formed in reac- 
tion (14) is of course again dissolved by the sulfide solution. 
Ammonium or sodium sulfide will dissolve As 2 S 5 readily but 
will not dissolve AsjSj to any appreciable extent. We may 
regard the process of solution of As 2 S 3 by the polysulfide as 
one of oxidation by the dissolved sulfur with subsequent 
solution of the As 2 S 5 , as illustrated by the equations, 

As 2 S 3 + 2 S(dissolved) = As 2 S 6 (15) 

As 2 S& + 3S = 2AsS 4 (16) 
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The r61e played by complex anions and cations in procedures 
of qualitative analysis will be described in Part II of this 
text, when we consider the properties of individual ions, the 
properties of analytical groups and the methods used for 
their separation. 

Equilibria Involving Complex Ions. Experiments were pre- 
viously described in which silver ion and hydrogen ion failed 
to remove chlorine and ammonia respectively from the co- 
ordination sphere of [Co(NH 3 ) 5 Cl]Cl 2 . Although this indi- 
cates that these constituents are held very firmly in the 
complex ion, it does not mean that there is complete absence 
of dissociation of the ion. It does mean, however, that this 
complex ion does not dissociate sufficiently to give a high 
enough Cl - ion concentration for the precipitation of silver 
chloride, and that the NH 3 concentration in equilibrium with 
the complex ion is too small for the formation of an apprecia- 
ble amount of the ammonium ion. 

When ammonium hydroxide is slowly added to a solution 
of silver nitrate, there is first observed a brown precipitate 
of silver hydroxide (or silver oxide). In the presence of a 
large number of silver ions, there are sufficient hydroxide 
ions from the ionization of the ammonium hydroxide to 
exceed the solubility product constant of silver hydroxide. 
However, the continued addition of ammonium hydroxide 
to this same solution is found to dissolve the silver hydrox- 
ide with the formation of the complex silver ion. 

Experiments show that the ammonia molecule is respon- 
sible for the dissolving of the silver hydroxide. The original 
solution of silver nitrate contains only silver and nitrate ions, 
while the ammonium hydroxide solution introduces four new 
constituents, ammonium ions, hydroxide ions, free ammonia 
and ammonium hydroxide molecules, all of which are in 
equilibrium with each other: 

NH 3 + H 2 0 = NH 4 OH = NH 4 + + OH- (17) 

Neither the ammonium ion nor the hydroxide ion is respon- 
sible for the dissolving of silver hydroxide by an exoess of 
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ammonium hydroxide. The only two constituents left are 
free ammonia and ammonium hydroxide molecules. We 
are not able to distinguish between the two, the equilibrium 
between them never having been determined. We may 
consider ammonia in water as consisting entirely of free 
ammonia, NH 3 , or of ammonium hydroxide, NH4OH, mole- 
cules, whichever is more convenient. For our purposes it 
matters little which we choose. The silver-ammonia complex 
ion, Ag(NH 3 ) 2 +, is the substance formed. (It is to be noted 
that the names of these complexes are ammonia complexes 
and not ammonium complexes. Ammonia refers to the 
molecule NH 3 ; ammonium to the radical NH 4 .) The co- 
ordination number of the silver ion in the silver-ammonia 
complex is 2. The original experiment may now be expressed 
in the form of two equations, 

Ag+ + NH4OH = AgOH(solid) + NH 4 + (18) 
AgOH (solid) + 2NH 3 = Ag(NH 3 ) 2 + + OH- (19) 

Since silver ion and ammonia combine to form the silver- 
ammonia ion, we would also expect this ion to dissociate 
somewhat into its constituents, 

Ag(NH 3 ) 2 + - Ag+ + 2NH 3 (20) 

The dissociation process is in a general way like the dissocia- 
tion of weak acids and bases. Lacking sufficient information, 
the dissociation is expressed by the over-all reaction (equa- 
tion 20), rather than by steps. According to the equation 
three kinds of particles are in equilibrium with each other, 
the silver-ammonia complex ion, silver ion, and ammonia 
molecules. If an additional amount of silver ions were added 
to this system, the equilibrium would shift to the left, with 
the formation of more silver-ammonia ions. The addition of 
ammonia molecules would have the same effect. Dilution 
with water would favor the dissociation of the complex to 
produce more ions. We may write an equilibrium constant 
for this reaction in the usual way, with the products appear- 
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ing in the numerator and the reactants in the denominator 
as follows : 

(Ag+)(NH 3 ) 2 r n.. 1fV _* 

(Ag(NH*),+) “ K ’ 6 ' 8 X 1° ( 21 ) 

The dissociation constant has a value of 6.S X 10 -s which is 
sufficiently low to signify that the dissociation of the com- 
plex ion is slight. What then is the amount of dissociation 
of this complex ion in a solution in which it is present at 
moderate concentration? 

Let us take, for example, a solution which is 0.1 molar with 
respect to silver-ammonia and nitrate ions, Ag(NH 3 ) 2 + and 
NO*-. The concentration of the silver-ammonia ion would 
be very nearly 0.1 molar provided it w r ere not appreciably 
dissociated. Since we know from the small value of the 
equilibrium constant that its dissociation must be very low, 
we can assume that the concentration of the silver-ammonia 
ion is practically 0.1 molar at equilibrium. Let X be the 
number of moles of the complex which dissociate, then the 
concentration of the silver ion at equilibrium will be X and 
the concentration of the ammonia molecules, 2X. Therefore, 


(Ag+)(NH 3 ) 2 X(2X)- 

(Ag(NH*),+) " 0.1 

4X S = 6.8 X 10~ 9 and X s - 
X = 1.2 x 10- s and 2X = 


6.8 X 10- 8 


1.7 X 1(H 

2.4 x 10~ 8 mole per liter 


In a 0.1 molar solution of the silver-ammonia nitrate, the 
concentration of the silver ion is then 1.2 X 10~ B mole per 
liter and the concentration of the free ammonia is twice as 
great. These values appear to be quite large, larger than 
one would expect for a highly stable complex. As a matter 
of fact the silver-ammonia complex is about the least stable 
of the known ammonia complexes. It will be recalled that 
in the case of the cobalt-ammonia complexes the addition 
of sulfuric acid merely converted the original salt to the 
sulfate and failed to remove any ammonia from the complex 
ion. However, in the case of the silver-ammonia complex 
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the situation is entirely different. When a strong acid is 
added to a solution of the latter the complex is destroyed 
due to the combination of the ammonia with hydrogen ion. 
In this process the equilibrium (equation 20) shifts to the 
right. Addition of sulfide ion, iodide ion and other ions 
which form very insoluble salts with silver ion will also de- 
stroy the complex. 

But now consider the situation in the presence of the 
chloride ion. Suppose we attempted to make a solution 0.1 
molar with respect to silver-ammonia and chloride ions. 
What "would the concentration of the silver ion be in this 
solution? It is obvious that the concentration of the silver 
ion could not be 1.2 x 10~ 3 mole per liter as it was in the 
ease of the silver-ammonia complex nitrate solution, for 
with a concentration of chloride ion in the solution as high 
as 0.1 mole per liter, the solubility product constant would 
be exceeded for silver chloride (Iv SP . = 1.56 X 10 -10 ) by 
more than one million-fold. Hence, silver chloride would 
precipitate from solution and the concentration of the silver 
ion would be greatly reduced. It is apparent that in such 
a case the silver ion concentration must satisfy both equi- 
libria, the complex ion equilibrium and the solubility product 
equilibrium of silver chloride. In order to prevent the 
precipitation of silver chloride in this solution, it is evident 
that the concentration of the Ag+ ion must be less than 
1.56 x 10~ 9 , for 

(Ag+)(C1~) = (Ag+) (0.1) = 1.56 X HH° 
or (Ag+) = 1.56 X 1<H M 

This amount of silver ion must likewise be in equilibrium 
with the silver-ammonia complex ion, which in turn requires 
a fairly high concentration of ammonia in solution to pre- 
vent the dissociation of the complex ion. In other words, a 
relatively high concentration of ammonia is required to 
dissolve silver chloride, the quantitative calculation of which 
is to be found in the following examples and problems. 
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The Hydrolysis of Metal Ions According to the Br^nsted 
Definitions. According to the Br0nsted definitions the proc- 
ess of hydrolysis is merely an acid-base reaction, and if a 
metal ion reacts with water to produce an acidic solution 
it must be regarded as a weak acid or a proton donor. The 
aluminum ion, for example, is a weak acid but in repre- 
senting its acid properties the formula or symbol cannot be 
written as Al +++ since as such it does not indicate that 
aluminum ion contains protons which can be donated. 
Therefore, for the purposes of hydrolysis, the metal ions 
must be written in their hydrated forms; the water mole- 
cules associated with the metal ions contain the protons to 
be donated. 

From what has already been said about the coordination 
number of metal ions we may assume that in water solu- 
tion the aluminum ion has six molecules of water associated 
with it. With this assumption the formula for the alumi- 
num ion in solution may be written Al(H 2 O) 0 +++ . When this 
ion undergoes hydrolysis the reaction for the process can 
be expressed by the equation 

A1(H 2 0) 6 +++ + H 2 0 - A1(H,0) 5 (0H)++ + H 3 0+ (22) 

Acidi Bases Basei Acids 

Likewise the hydrolysis of the zinc ion can be expressed by 
the equation 

Zn(H 2 0) 4 + + + H 2 0 = Zn(H 2 0) 3 (0H)+ + H 3 0+ (23) 

Acidi Base2 Basei Aeid2 

In the latter case the coordination number of the zinc ion 
is four. 

The equilibrium expression for the reaction expressed by 
equation (23) is 


(Zn(H 2 0) 3 (0H)+)(H 3 0+) Z W B 
(Zn(H 2 0) 4 ++ ) K I ( base) 


_ 1 x 10- 14 
4 x 10- 5 

2.5 X 10- 10 


The ionization constant for the base, Zn(H 2 0) 3 (0H) + , has 
a value of 4 X 10 -5 . The value for the equilibrium con- 
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1 st ant, K A n , is the same as that previously calculated as the 
hydrolysis constant (see page 171). Obviously, the value 
' 1 for this constant must be the same in both cases since the 

difference lies merely in the fact that in the latter case 
four molecules of water have been added arbitrarily to 
both sides of the equation. The equilibrium constant, 
j- 7 v' a b , for the hydrolysis of the Zn(H 2 0) 4 ++ ion, on the 

basis of the Brpnsted definitions may be regarded as being 
equivalent to the acid ionization constant for this ion (see 
page 173 for the hydrolysis of the NH 4 + ion). Except in 
I relatively few cases experimental data are lacking on 

the ionization of hydrated metal ions as acids in water 
solution, so it is not possible to treat their equilibria quan- 
titatively. 

I Both of the ions discussed above, A1(H 2 0) 6 +++ and 

Zm H 2 0)4 ++ , are to be regarded as complex ions. Not only 
are they capable of losing protons, according to equations 
(22) and (23), but they also can dissociate in other ways 
I to produce a number of different types of ions. Taking 

I Al(H 2 0)e +++ ion as an example, a stepwise dissociation 

j process would produce A1(H 2 0) 5 +++ , A1(H 2 0) 4 +++ , 

Al(H»0)j +++ , A1(H 2 0) 2 +++, A1(H 2 0)+++ and A1+++ ions. 
The overall process is represented by the equation 

: A1(H 2 0) 6 +++ - A1+++ + 6H»0 (25) 

In addition, ions even more complex than A1(H 2 0) 6 +++ ion 
are undoubtedly present in water solutions of aluminum 
salts. For lack of any definite information concerning the 
I composition of such ions, simplicity recommends the use of 

Al(H 2 0)e +++ as a symbol for the hydrated form. The same 
reasoning may be applied to all metallic ions present in a 
solvent. With the older established definitions the use of 
the “hydrated” symbols is not necessary. 

To be consistent in the use of the hydrated formulae for 
the metal ions, all of their reactions should include these 
formulae unless other more stable complexes are known to 
be formed. For example, the reaction between zinc ion and 
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hydrogen sulfide to produce the slightly soluble zinc sulfide 
should be written as 

Zn(H 2 0) 4 ++ + H 2 S = ZnS( S ) + 2H 2 0 + 2H 3 G + (26) 

But this procedure becomes very cumbersome and for such 
reactions as represented by equation (26) it is much more 
convenient to write them with the metal ions in the non- 
hydrated form. The above reaction would then be written 

Zn ++ + H 2 S + 2H 2 0 - ZnS( S) + 2H 3 0 + (27) 

Both the hydrated and non-hydrated forms for the metal 
ions are used, depending upon whether or not one wishes 
to emphasize the acid properties of such ions. 

EXAMPLES OF PROBLEMS INVOLVING COMPLEX IONS 
Example 1 . 

How many moles of NH 3 must be added to 1 liter of water to 
enable this solution to dissolve .061 mole of solid silver bromide? 
The solubility product constant for AgBr has a value of 
7.7 X 10" 13 , and the value for the dissociation constant for the 
silver-ammonia complex ion is 6.8 X 10~ s . 

The reaction which takes place when the solid AgBr dissolves is 

AgBr (s) + 2NH 3 - Ag(NH 3 ) 2 + + Br~ (1) 

Tw t o equilibria are involved in this process, 

AgBr (a) - Ag + + Br~ (2) 

and 

Ag(NH 3 ) 2 + » Ag + + 2NH 3 (3) 

The concentration of the Ag + ion must be the same for both 
equilibria as long as solid AgBr and Ag(NH 3 ) 2 + ion are present. 
From the equation for the reaction we see that .001 mole of 
AgBr, when it has just dissolved, produces .001 mole of Ag(NH 3 ) 2 + 
ion and .001 mole of Br~ ion. From equation (2) w r e have 

(Ag + )(Br“) = 7.7 X 10“ 13 

When (Brr) becomes .001 M, then 
7 7 v 1 0" 1S 

(Ag+) = — — — * 7.7 X 10" 10 mole/liter 
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This latter value will also be the concentration of the Ag + ion 
which is in equilibrium with the complex ion when the AgBr has 
just dissolved, since both equilibria are confined to the same 
solution. Practically all of the silver in the solution is in the form 
of Ag(NH 3 ) 2 + ion. Therefore, we may assume that the concen- 
tration of the Ag(NH 3 ) 2 + ion is .001 M. Then, from the equi- 
librium expression for reaction (3), we have 


(Ag+)(NH,)« 

(Ag(NH,),+) 

(NH 3 ) 2 


;NH s ) 2 7.7 X 10-" X (NH 3 ) 2 

iw) = m b - 8 x 10 

:nh 3 ) 2 = = s.s x io-= 

(NH S ) = 2.97 X 10 _1 = 0.3 M (approximately) 


8.8 X 10- 


In this calculation the amount of ammonia consumed in form- 
ing the complex ion is .002 mole, which is negligible compared with 
(3.3 mole. However, it should be emphasized that the total amount 
of ammonia required to dissolve the AgBr is the sum of the com- 
bined and free amounts; in other words, it is 0.297 + .002 or 
0.299 mole. Since the application of the Law of Mass Action is 
not valid when the solutions become too concentrated, the value 
of 0.3 M is sufficient, though approximate. 

Example 2. 

What is the concentration of the Zrr _+ ion in a solution made by 
adding 0.1 mole of ZnCL and 0.4 mole of NH 3 to water to make 
1 liter of solution? 

Since the formula for the zinc-ammonia complex ion is 
ZihNHs)^, the amounts of Zn." H ~ ion and NH 3 given here are just 
sufficient to form 0.1 mole of the complex ion. Let us assume that 
this amount of the complex ion is formed and that it dissociates 
until equilibrium is reached, in accordance with the equation 


Zn(NH 3 ) 4 


Zn++ +'4NHs 


The dissociation constant for this complex ion has a value of 
2.6 X IQ” 10 . If X moles of the complex ion dissociate, then, 
at equilibrium, (Zn 4 ^) = X, (NH 3 ) = 4X, and (Zn(NH 3 ) 4 ++ ) 
= 0.1 - XL We then have 


(Zn ++ )(MH 3 ) 4 

(Zn(NH 3 ) 4 ++ ) 


X(4X) 4 

0,1 - x r 


(4) 4 X 5 

0.1 - x r 


256X 5 

0.1 - X 


2.6 X 10" 


' 
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Neglecting X as compared with 0.1, the expression becomes 

= 2.6 X 10- 10 

X5 = 2.6 X 10-° X 0.1 
2.56 X 10 2 

= — ^ X IQ" 11 „ ! x 10 -i3 

2.6 X 10 2 
= 100 X io- 6 

X = 2.5 X 10~ 3 = .0025 mole/liter = (Zn 44- ) 

(NH 3 ) — 4X = .01 mole/liter 

In extracting the fifth root of 100 X 10~ 15 the student might en- 
counter some difficulty in finding the fifth root of 100. All that is 
necessary to do in this case is to obtain the logarithm of 100 which 
is 2.00. Dividing this by 5 we have 0.4 and the antilog of 0.4 is 
very nearly 2.5. 

j Example S. 

(a) How many moles of Agl will dissolve in 1 liter of 1 M 
NH 4 OH solution? 

Silver iodide is very slightly soluble in pure water (IQ.p, 
= 1.5 X 10~ 16 ), but in NH 4 OH solution there is some tendency 
for the Ag + ion to combine with the NH 3 to form the Ag(NHs) 2 + 
ion, according to the equation 

Agl (a) + 2NH, - Ag(NH 3 ) 2 4 + I™ (1) 

However, the amount of complex ion formed will be very small 
since Agl is so insoluble. From the equilibrium expression for the 
complex ion we have 

MW - 6.8 X 10- 
(Ag(NH 3 ) 2 +) 

Since such a small amount of the complex ion is formed it may be 
assumed that practically all of the ammonia exists in the free con- 
dition in solution and has a value oil M. Then 
(Ag+) = 6.8 X 10- 8 (Ag(NH 3 )2+) 

From this expression it is seen that the concentration of the 
Ag(NH 3 ) 2 + ion is very much larger than the concentration of the 
free Ag+ ion. This means that practically all of the silver in solu- 
tion is in the form of the complex ion. Also the concentration of 


6.8 X 10- 
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the 1“ ion in solution must he practically the same as the concen- 
tration of the complex ion. 

(I-) = (Ag(NH,),+) 

From the solubility product expression, we have 

(Ag+)(I-) = (Ag+)(Ag(NH s ) a +) = 1.5 X 10-» 

Substituting in the second expression the value for the (Ag(NH 3 ) 2 + ) 
above, 

Wstfi- ‘-5 x 10-” 

(Ag+) 2 = 1.5 X 10“ 16 X 6.8 X 10~ s = 10.2 X 10~ 24 
(Ag+) = 3.2 X 10-“ 

q o v 1 n-u 

(Ag(NHs)s + ) = (I-) = ~ * • • ” - . V = 4.7 X 10 -s mole/ liter 


Thus the concentration of the 1“ ion is 4.7 X 10~ 8 M ; this value 
is also the solubility of the Agl in the 1 M NEUOH solution. 

The same result could have been obtained in the following man- 
ner. Since two equilibria are involved in this system, let us divide 
one equilibrium expression by the other. Then 


(AglK Q 

(Ag+)( NH 3 )- 

(Ag(NH 3 )?) 


(Ag(NH,),+)(I-) _ 1.5 X 10- 


(NH 3 ) 2 


6.8 X 10~ 8 


= 22 X 10- 


This is the equilibrium constant for reaction (1). But since 
(NH,) has a value of 1 M and (Ag(NH*) s +) equals (I-), 

(Ag(NH*)i+) X (I") = (I-) 2 = 22 X 10- 10 

(I ) = 4.7 X 10- M = (Ag(NH,),+) 

= Solubility of Agl 

(b) What concentration of NH 4 OH would be necessary to dis- 
solve .01 M of Agl in 1 liter of solution? 

Using the value obtained in (a) we have 


(Ag(NH,), + )(I-) 

(NH,) 2 


22 X 10- 10 


If .01 mole of Agl were to dissolve, (I~) and (Ag(NH 3 ) 2 + ) would 
each have a value of .01 M. Then 
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. W-Ol) - 22 X 10-0 

(NH 3 ) 2 2/5 X 10 

(NHsP = = 4.5 X 10 4 


(NHs ) 2 = X 10 4 
v ; 22 X 10- 10 

(NH S ) = 2.1 X 10 s = 


4.5 X 10 4 


(JNH S ) = 2.1 X 10 s = 210 M (impossible) 

This value of 210 M is obtained on the assumption that the 
Law of Mass Action holds in very concentrated solutions. Evi- 
dently, the Agl will not completely dissolve, since it is not possible 
to obtain at room temperature a solution of ammonia in water of 
higher concentration than about 18 M. 

The method used in (b) could also have been applied in 
Example 1. 

Example J+. 

A given solution contains .01 mole of Cl“ ion and .07 mole of 
NH 3 per liter. If .01 mole of solid AgN0 3 is added to 1 liter of 
this solution will AgCl precipitate? The solution of this problem 
involves two equilibria, 

AgCl( S ) = Ag + + Cl- 

and Ag(NH 3 ) 2 + = Ag+ + 2NH 3 

The equilibrium expressions are 

(Ag+)(C1-) = 1.56 X 10- 10 
' , (Ag+) (NHs) 2 AOs/1A _, 

and (Ag(NH 3 ) 2 + ) = 6 ’ 8 X 10 

Due to the great stability of the complex ion we shall first 
assume that .01 mole of this ion is formed from .01 mole of Ag + ion. 
This process would consume .02 mole of NH S ; then .05 mole of 
NHs would be left in solution. Under these conditions, we can 
calculate the concentration of the free Ag + ion in solution. 

(AgtK.On p = 6 g x 10 _ 8 

" ,, ^ 6.8 X 10- 8 X .01 A „ A w 1A _ 7 , /rj . 

(Ag + ) = 2 5 x 1 q 1 3 — = 2./2 X 10 7 mole/hter 

Since .01 mole of Cl" ion is present per liter of solution, the product 
of the ion concentrations is (2.72 X 10" 7 )(.01) or 2.72 X 10~A 
This value is greater than the solubility product constant; there- 
fore, AgCl precipitates. 

This problem could be solved in another manner. Let us 


2.72 X 10~ 7 mole/liter 



. .. 


6.8 X 10- 


= 4.36 X 10- 
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calculate the amount of Ag + ion necessary to start the precipitation 
of AgCl when .01 M Cl - ion is present. This would be 

(Ag+) = 1-56 q 1 1 °” - > = 1-56 X 10- 8 M 

With this amount of free Ag + ion in solution and making the 
assumption that .01 mole of Ag(NH 3 ) 2 + is formed, we can then 
calculate the amount of free NH 3 which would be required to 
maintain these conditions. Then 

(1.56 X 10— )(NH 3 ) 2 = 6 g x 10 _ 8 

(NH 3 ) 2 = 6 - 8 1 ^ 6 1 ^i^ = 4.36 X 10- 
(NHj) = 2.1 X 10- 1 = 0.21 M. 

This value for the amount of free ammonia necessary to main- 
tain .01 mole of the complex in solution is much larger than the 
available ammonia; therefore, AgCl precipitates. 

Example 5. 

What is the concentration of the Cu + ion and of the CN~ ion 
in a .01 M solution of KjCufCN^? 

K 2 Cu(CN) 3 is a salt which is ionized completely as follows 

K 2 Cu(CN) 3 = 2K+ + Cu(CN) 3 
On the other hand, the complex ion dissociates slightly 
Cu(CN) 3 = Cu+ + 3CN- 

The equilibrium expression for the dissociation of the complex 


(Cu + )(CN - ) 3 = 

(Cu(CN) 3 ) 

If we let X moles of the complex ion dissociate then at equilibrium, 
(Cu+) = X, (CN-) = ZX, and (Cu(CN),“) = -01 - X. Then 
we have 

(DMl - 27X4 ~ 27 * 4 = 5 x io-3 

.01 - X .01 - X = .01 x 

27X 4 = 5 X 10-° = 500 X 10- 2 
X 4 = 18.5 X 10- 2 

X = 2.07 X 10- mole/liter = (Cu+) 

ZX = 6.2 X 10- mole/liter = (CN - ) 


= 5 X 10- 
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1. Is there any definite experimental evidence for the existence 
of the hydronium ion? 

2. Compare the properties of water and ammonia. What is 
the water analogue of the ammonium ion? 

3. What is the ammonia analogue of the hydroxide ion? 

4. What are hydrates and ammonates? 

5. How does the electronic structure of ions which form com- 
plex ions differ from those which do not? 

6. On the basis of the coordination theory of Werner, give the 
structures (not electronic) of the respective complex ions formed 
when the following salts are dissolved in water: C 0 CI 3 * 4NH 3 , 
C 0 CI 3 * 6 NH 3 , Cu(N0 3 ) 2 - 4NH 3> K 3 Fe(CN ) 6 and PtCl 4 * 5NH S . 

7. Give examples of four complex anions. 

8. What is a homoatomic anion? Give two examples. 

9. Why does ammonium polysulfide dissolve SnS readily 
while ammonium sulfide will not? 

10. What experiments could be designed to show that the am- 
monia molecule and not the NH 4 + nor the GH“ ions are responsible 
for the solution of silver oxide by excess ammonium hydroxide? 

11. If 0.1 mole AgN0 3 , 0.1 mole NaCl and 0.2 mole NIL were 
added to 1 liter of water, show by calculation whether AgCl would 
precipitate. 

12. If it were possible to prepare solid AgfNHsLCI and if 0.1 
mole of this were added to 1 liter of water, would AgCl precipi- 
tate? Explain. 

13. What is the Zn ++ concentration in a solution that has been 
made by adding 0.1 mole ZnCl 2 and 1 mole of NH 3 to enough 
water to give 1 liter of solution? 

14. Which gives the greater concentration of Ag + ; a solution 
made by adding 1 mole AgN0 3 and 2 moles KCN to 1 liter of 
water or a solution made by adding 0.1 mole AgNOa and 1 mole 
NH 3 ? (Note: In the first solution neglect hydrolysis of CN~ ion 
In the second solution 0.2 mole NH 3 is used in making Ag(NH 3 ) 2 + , 
Assume the Law of Mass Action for these more concentrated 
solutions.) 

15. Will 0.1 g. AgBr dissolve in 100 ml. of 1 M NH 4 OH solution! 
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I 16. Will 0.1 g. Agl dissolve in 100 ml. of 1 M NH4OH solution? 

j 17. How much ammonia (expressed in grams) is necessary to 

I ;1 dissolve 1 g. AgCl in 100 ml. of water? 

i 18. Calculate the concentration of Ag+ ion in a solution which 

] is .05 M with respect to Ag(NH 8 ) 2 NO*. 

1 19. Calculate the Cu+ ion concentration in a solution which 
contains .02 mole Iv 2 Cu(CN) 3 per liter. 

20. What is the CN~ ion concentration in a solution 0.1 M with 
respect to KaCd(CN) 4 ? 

21. What is the concentration of NH 3 in a solution which 
\ contains .04 mole Ag(NH 3 ) 2 N0 3 per liter? 

% 22. (a) Which solution furnishes the higher concentration of 

Cd ++ ion, a 0.1 M solution of Cd(NH 3 ) 4 Cl 2 or a 0.1 M solution of 
I Iv.Cd(CN) 4 ? 

1 (b) Give the ratio of the Cd ++ ion concentrations in these two 

| solutions. 

] 23. If to a liter of a solution, which is .06 M with respect to 

| K«Cu(CN)s and .06 M with respect to Iv 2 Cd(CN) 4 , CN~ ion is 

1 added to increase its concentration to .005 M, what will be the 

i| ; concentration of (a) the Cu + ion, and (b) the Cd ++ ion? 

24. One liter of a solution contains 0.1 mole of Cl~ ion and 0.1 
1 mole of CN~ ion. To this solution solid silver nitrate is added 

§ little by little. 

I (a) What happens? 

(b) How many moles of AgN0 3 must be added before a pre- 
| capitate begins to appear? 

(c) When a precipitate first appears, what will be the concen- 
tration of the Cl - ion, of the CN - ion, and of the Ag+ ion? 

I (Note: AgCN does not precipitate in this solution.) 
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AMPHOTERIC SUBSTANCES 

The metals of the alkali and alkaline earth groups of the 
periodic table are often classified as highly electropositive 
elements. They exhibit a pronounced tendency to lose 
electrons and thereby form positive ions. Sodium in its 
reactions with other elements loses one electron readily to 
give sodium ion, Na+, while calcium of the alkaline earth 
group loses two electrons with the formation of a positive 
calcium ion, Ca ++ . These elements are among the first few 
of the electromotive force (E.M.F.) series of the elements, 
since this series is one in which the elements are arranged 
according to the decreasing tendency to lose electrons and 
form positive ions. In contrast to the alkali metals, sulfur 
and chlorine of the sixth and seventh groups respectively 
show a decided tendency to acquire electrons in their reac- 
tions with other elements and thereby form negative ions. 
The latter elements are accordingly termed electronegative; 
e.g., chlorine can acquire one electron and sulfur two elec- 
trons to give ions bearing one and two negative charges re- 
spectively. 

Sodium and calcium on the one hand, and sulfur and 
chlorine on the other, represent extreme types in the classifi- 
cation of the elements according to their tendencies to lose 
or gain electrons. A large proportion of the elements of the 
periodic table show dual properties which are characteristic 
of both sodium and chlorine. They may react with some 
elements to lose electrons and with other elements to gain 
them. Hydrogen under favorable conditions reacts with 
chlorine to form hydrogen chloride. In this reaction we 
regard the hydrogen atom as partially giving up an electron 
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to the chlorine atom, and we may regard the hydrogen 
chloride molecule as one containing hydrogen in the more 
electropositive condition and chlorine in the more electro- 
negative condition. Likewise, hydrogen reacts directly with 
sodium to form sodium hydride, Nall. This substance is an 
excellent conductor of electricity in the fused state in which 
it must be ionized as positive sodium ions and negative 
hydrogen or hydride ions, H~, since upon electrolysis hy- 
drogen is liberated at the anode. In this reaction the hy- 
drogen atom acquires an extra electron to form a negative 
hydrogen ion. Apparently the hydrogen atom has a greater 
tendency to acquire an electron and a smaller tendency to 
lose an electron than has the sodium atom. So far as chemi- 
cal evidence goes, the sodium atom shows no tendency to 
form negative ions. Thus hydrogen may behave in a dual 
manner, it may gain or lose electrons depending upon its 
environment. If it is in the pi-esence of a strongly electro- 
negative element such as chlorine it will behave electro- 
positively, while in the presence of a strongly electropositive 
element, for example sodium, it will behave electronegatively. 
Such elements lie in an intermediate position in the E.M.F. 
series and are sometimes spoken of as amphoteric elements, 
a designation which implies this dual character. 

Many other elements show amphoteric properties in their 
reactions. Thus, sulfur, selenium and tellurium of the sixth 
group of the periodic table react with chlorine and oxygen 
to form chlorides and oxides. They likewise react with 
sodium, potassium and other electropositive elements to 
form sulfides, selenides and tellurides which are salts. Ex- 
amples of such compounds are: Na 2 S, Na 2 Se, Na/Te, K 2 S, 
K 2 Se and K«Te. Phosphorus, arsenic, antimony and bis- 
muth of the fifth group of the periodic table behave in a 
similar manner, while germanium, tin and lead may be 
mentioned as typical examples of the fourth-group elements. 
Even elements in the second and third groups such as zinc, 
cadmium, mercury, gallium, indium and thallium will com- 
bine with sodium and other strongly electropositive elements 
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to form definite compounds. This dual behavior is the 
general case rather than the exceptional one. 

Amphoteric Hydroxides. Many of the elements which 
show this dual behavior in the ability to acquire and to lose 
electrons in their reactions show another, but somewhat 
different, type of duality in the reactions of their hydroxides. 

It is well known that the oxides of strongly electropositive 
elements such as Na 2 0, K 2 0, CaO and MgO form strong bases 
in water solution, NaOH, KOH, Ca(OH) 2 and Mg(OH) 2 
respectively. However, oxides of strongly electronegative 
elements such as S0 3 , N 2 0 3 and C1 2 0 7 in water solution are 
decidedly acidic in character; they are the anhydrides of 
the acids, H 2 S0 4 , HN0 3 and HC10 4 respectively. 

Oxides of most of the elements which lie in an intermediate 
position in the E.M.F. series of elements, which are neither 
strongly electropositive nor strongly electronegative, show 
both acidic and basic properties in water. As would be 
predicted, such acids and bases are extremely weak. Thus 
lead oxide, PbO; aluminum oxide, A1 2 0 3 ; chromic oxide, 
Cr 2 0 3 ; zinc oxide, ZnO; stannous oxide, SnO; and anti- 
monous oxide, Sb 2 0 3 , are the anhydrides of the very weak 
hydroxides, Pb(OH) 2 , Al(OH) 3 , Cr(OH) 3 , Zn(OH) 2 , Sn(OH) 2 
and Sb(OH) 3 respectively, which hydroxides may also be 
regarded as very weak acids. To emphasize the acidic 
properties of these hydroxides their formulae could be 
written H 2 Pb0 2 , H 3 A10 3 (or HA10 2 + H,0), H»CrO* (or 
HCr0 2 + H 2 0), H 2 Zn0 2 , H 2 Sn0 2 and H 3 Sb0 3 (or HSbOs 
+ H 2 0). In the cases of H 3 A10 3 , H 3 CrO s and H 3 Sb0 3 only 
one hydrogen is replaceable in water solution, the simpler 
and more informative formulae HA10 2 , HCr0 2 and HSb0 2 
respectively are usually used. In each of these cases the 
same substance may be represented by two differently ar- 
ranged formulae; by convention, one emphasizes the basic 
properties and the other, the acidic properties. 

All of these hydroxides are very slightly soluble in water 
but dissolve readily when either a strong acid such as hydio- 
chloric acid or a strong base such as sodium hydroxide is 
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present. 

Taking Al(OH) 3 as an example, we may write, 

1 

Al(OH), 

+ 3HC1 (in solution) 


Kf 


= AlCl 3 (in solution) + 3H 2 0 

(1) 


and 


■y 

■% 

Al(OH) s 

+ NaOH (in solution) 


1 


= NaA10 2 (in solution) + 2H 2 0 

(2) 




Both of these reactions appear familiar in that the products 
in each case are a salt and the solvent, water ; in other words, 
they are neutralization reactions. Since both HC1, an acid, 
and NaOH, a base, are used, it must necessarily follow that 
the aluminum hydroxide is functioning in equation (1) as a 
base and in equation (2) as an acid. Hydroxides which show 
properties characteristic of both acids and bases are known 
as amphoteric hydroxides. 

The ionization of aluminum hydroxide when acting both 
as a weak acid and a weak base is expressed in the following 
equation : 

Al(OH), 1 = AlO,- + H+ + H 2 0 (3) 

H 3 A10 3 I (solid) 


A1+++ + 30H- 


For lack of definite information regarding the ionization of 
aluminum hydroxide as a base we have expressed the reaction 
as one producing 30H~ ions. It is a weak polyacid base and 
undoubtedly would not be expected to ionize highly even 



in the first stage, let alone in the two successive stages. 
However, at present it is not experimentally feasible to 
determine the exact extent of ionization of aluminum hy- 
droxide for each of the three steps. Equation (3) also 
shows the aluminate ion, AlOa - , a product of the ionization 
of aluminum hydroxide as an acid. 

We may now predict, with the aid of Le Chatelier’s Rule, 
the effect of strong acids and of strong bases upon the 
equilibrium. If a strong acid, such as hydrochloric acid, is 
added to a suspension of aluminum hydroxide in water, 
the hydrogen ions which are in excess combine with some 
of the hydroxide ions to form water. According to the Rule 
of Le Chatelier, we would predict a shift in the equilibrium 


I * r - - f 4 <• 
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to the left. The tendency is for the equilibrium to shift in 
such a way as to attempt to retrieve the loss of hydroxide 
ions. This can be done only by the further dissociation of 
aluminum hydroxide from the solid phase. As fast as 
hydroxide ions are produced by this process, they are re- 
moved by hydrogen ions. Finally, all the solid dissolves 
and the concentration of the hydroxide ions in solution still 
remains at a very small value due to the continued removal 
of the hydroxide by hydrogen ions. Although the hydroxide 
ions are depleted as fast as they are produced by the ioniza- 
tion of the aluminum hydroxide, the latter reaction also 
yields large amounts of aluminum ions which remain as 
such in solution. Therefore, when hydrochloric acid is used 
as a source of hydrogen ions, the final result is that the solid 
aluminum hydroxide dissolves and the solution contains 
aluminum and chloride ions. Hydrogen and hydroxide ions 
will also be present in concentrations which must satisfy 
the water equilibrium, (H + )(OH~) = 1 x 1Q~ 14 . 

The addition of a strong base such as sodium hydroxide 
furnishes a large concentration of hydroxide ions. Accord- 
ing to Le Chatelier’s Rule the equilibrium should shift in 
such a direction as to use up hydroxide ions; that is, it 
should shift to the right as equation (3) is written. Natu- 
rally, hydrogen ions will be removed from the reaction 
medium by their combination with hydroxide ions to form 
water. When this happens more aluminum hydroxide will 
dissolve to give hydrogen ions and aluminate ions in an 
attempt to retrieve the loss of hydrogen ions. The hydrogen 
ions are removed as fast as they are produced and finally, 
when all of the solid aluminum hydroxide has dissolved, 
sodium ions and aluminate ions will be left in solution in large 
quantities, and the hydrogen ion and hydroxide ion con- 
centrations will be in accord with that demanded by the 
water equilibrium. 

Aluminum hydroxide has been taken here as a typical 
example of an amphoteric hydroxide. Others previously 
mentioned, Pb(OH) 2 , Cr(OH) 3 , Zn(OH) 2 , Sn(OH) 2 and 
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i -j Sb(OH) 3 behave similarly in that they dissolve and func- 

[ tion as bases in the presence of a strong acid, and also dissolve 

and function as acids in the presence of a strong base. The 
j latter reaction is the more unfamiliar one and in the presence 

i; of sodium hydroxide the following ions are produced: 

HPb0 2 ~, Cr0 2 ~, Zn0 2 , HSn0 2 ~, and Sb0 2 ~, namely plum- 
[ | bite, chromite, zincate, stannite and antimonite ions. 

| As was previously stated the amphoteric hydroxides are 

derived from elements occupying an intermediate position 
in the E.M.F. series. They must necessarily occupy a 
j j similar intermediate position in a given series of the periodic 

| A table since the elements of the main groups to the left are 

strongly electropositive, while those of the main groups to 
the right are strongly electronegative. Those elements which 
show both properties lie in between these two extremes. As 
one passes from one extreme position of the table to the 
\ other, the change in properties is not an abrupt one; on the 

; contrary, it is very gradual. As an example, let us choose 

j the series of the table beginning with the inert gas argon, 

|>i| atomic number 18 (see back cover); the next element, 

l potassium, forms a very strong base, potassium hydroxide. 

| Under ordinary conditions of temperature it acts only as a 

l base in water solution. Calcium hydroxide, representative 

of the second group, likewise possesses only basic properties 
; in water. Scandium hydroxide is also a strong base, but 

• titanium hydi oxide, vanadium hydroxide and chromium 

I hydroxide, hydroxides of the fourth, fifth and sixth groups 

1 1| respectively in the series under consideration, show ampho- 

1 teric properties in that they form titanates, vanadites and 

j chromites with strong bases. Vanadates and chromates 

j are also known, being derived from the higher valence hy- 

j droxides, which, however, are distinctly more acidic than 

j basic in nature. In the seventh group manganous hydroxide, 

j Mn(OH) 2 , is a moderately strong base and possesses very 

little acid properties; while H 2 Mn 04 , manganic acid, is a 
weak acid and HMnCh, permanganic acid, is a very strong 
acid. In general, the higher the valence of the metal in any 
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two or more similarly derived acids the more acidic proper- 
ties it will display. Thus, stannic acid is a stronger acid 
than stannous acid, arsenic is stronger than arsenous, 
chromic stronger than chromous, etc. Ferric, ferrous, co- 
baltous, nickelous, and cuprous hydroxides are distinctly 
basic in aqueous solutions and acid properties are entirely 
lacking. The next element of the series, zinc, atomic 
number 30, forms a hydroxide, Zn(OH) 2 , which is well 
known for its amphoteric properties. Following zinc hy- 
droxide are Ga(OH) 3 , Ge(OH) 4 and AsO(OH) 3 , all of which 
dissolve in sodium hydroxide solution to produce gallate, 
germanate and arsenate ions. H 2 Se0 4 , selenic acid, and 
HBrOs, bromic acid, are decidedly acidic in water. Thus, 
in this series of eighteen elements, many of their hydroxides 
are amphoteric. 

Within a given group, occupying an intermediate position 
in the periodic table, the amphoteric properties change as 
one proceeds from the element of lower to one of higher 
atomic weight. Thus HNO-. shows only acid properties; 
H3PO3 likewise is acidic; H 3 As0 3 or As(OH) 3 and H 3 Sb0 3 
or Sb(OH) 3 are amphoteric, while Bi(OH) 3 is basic in its re- 
actions. Thus, in passing from nitrogen to bismuth in the 
main fifth group, the hydroxides change from strong acids 
to weak acids and moderately strong bases, but the change 
is a gradual one. 

Amphoteric Sulfides. Sulfur occupies a position in the 
sixth group of the periodic table just below oxygen. 
Hence, many of the compounds of sulfur contain the sulfur 
atom in a position similar to that occupied by oxygen in the 
more familiar oxygen compounds. In qualitative analysis 
we are particularly interested in the amphoteric nature of 
analogous sulfides and oxides. Since hydrogen sulfide is the 
analogue of water, the bisulfide ion of the hydrogen sulfide 
system corresponds to the hydroxide ion of the water system, 
as the following equations readily demonstrate: 

H 2 0 = H+ + OH- 
H 2 S = H+ + SH- 


(4) 

(5) 
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Likewise, the metal sulfides are analogues of the metal 
oxides; K 2 S, CaS, As 2 S 5 and Sb 2 S 8 in the hydrogen sulfide 
system correspond to K 2 0, CaO, As 2 Os and Sb 2 03 respec- 
tively in the water or oxygen system. On the basis of these 
analogies, one might expect sulfides to dissolve in the pres- 
ence of bisulfide ions in the same way that oxides or hy- 
droxides, in an aqueous medium, dissolve in the presence of 
hydroxide ions. When the sulfides behave in this manner, 
they are exhibiting acid properties. A few examples will 
serve to illustrate this type of reaction. 

As 2 S b + 6HS- = 2AsS* — + 3H 2 S (6a) 

or As 2 S 6 + 2HS- = 2AsS 3 - + H 2 S (6b) 

Sb 2 S s + 6HS- = 2SbS 4 — + 3H 2 S (7) 

Equations for reactions illustrating the basic properties 
of these sulfides are 

As 2 S 5 + 10H+ =* 5H 2 S + As +++++ (8) 

and Sb 2 S 5 + 10H+ = 5H 2 S + Sb+++++ (9) 

Under favorable conditions reactions (6a) to (9) proceed as 
written, and since these sulfides display dual acidic and 
basic properties they are known as amphoteric sulfides. 

Another explanation may be given for the fact that arsenic 
and antimony sulfides dissolve in alkaline sulfide solution. 
In such a solution, the concentration of the sulfide ion is 
certainly appreciable and much larger than the concentration 
of the oxide ion, 0 — , in solutions containing alkali hy- 
droxides, since the bisulfide ion is dissociated to a much 
greater extent to give hydrogen and sulfide ions than is the 
hydroxide ion to give hydrogen and oxide ions. As a matter 
of fact, it has not been possible through experiment to de- 
termine the concentration of the oxide ion. Due to the 
presence of sulfide ions in alkaline sulfide solutions, it is 
possible, however, to explain the solubility of arsenic and 
antimony sulfides as follows: 

As 2 S 5 + 3S = 2 AsS 4 


( 10 ) 
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As 2 S 3 + 3S — = 2AsS 3 — (11) 

As 2 S 6 + S— = 2AsS 3 ~ (12) 

Sb 2 S 5 + 3S — = 2SbS 4 — (13) 


Antimony and tin in the lower valence states are much 
more strongly basic or more weakly acidic than in the higher 
valence states. Accordingly, antimonous sulfide dissolves 
with difficulty in ammonium sulfide solution and stannous 
sulfide is practically insoluble in this medium. However, 
antimonic and stannic sulfides are readily soluble in this 
same solvent. 

Just as oxygen can oxidize a lower valence oxide to a 
higher valence one, so sulfur can oxidize a lower to a higher 
valence sulfide. Ammonium polysulfide is ammonium sul- 
fide containing dissolved sulfur (chemically combined with 
the sulfide ion). When the lower sulfides are treated with 
ammonium polysulfide they are oxidized to the higher 
valence state in which they are readily soluble. This process 
of solution has already been discussed in the previous chap- 
ter, as an illustration of complex ion formation. The process 
of solution of the amphoteric sulfides may be explained on 
the basis of the amphoteric properties of the sulfides and 
on the basis of sulfur in sulfide solution acting as an oxidizing 
agent. 

Application of Amphoteric Substances to Analysis. Sup- 
pose we consider a solution which has been obtained as a 
hydrochloric acid extraction of an ore known to contain iron, 
zinc and aluminum. We wish to separate these elements 
from each other in solution by methods which will reduce the 
difficulties to a minimum. The solution contains all three 
elements in the form of their chlorides and is slightly acidic. 
We might first add sodium hydroxide to the solution to the 
point of neutralization and obtain a precipitate containing 
all three substances in the form of hydroxides, Fe(OH) 3 , 
Al(OH) 3 and Zn(OH) 2 . Knowing that both zinc and 
aluminum hydroxides are decidedly amphoteric in nature, 
let us continue the addition of the sodium hydroxide solu- 
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tion. Both Al(OH) 3 and Zn(OH) 2 dissolve immediately with 
the formation of aluminate and zincate ions respectively; 
however, ferric hydroxide is not amphoteric and does not 
dissolve in the presence of excess hydroxide ion. Accord- 
ingly, the ferric hydroxide can be separated at this point by 
filtration. Ammonium hydroxide would not behave in the 
same way as the sodium hydroxide since the former does not 
furnish sufficient hydroxide ions to dissolve aluminum and 
zinc hydroxides. 

If it should appear desirable to separate the aluminum 
from the zinc, the filtrate could be treated with hydrochloric 
acid until the zinc and aluminum hydroxides dissolve, and to 
this solution could be added excess ammonium hydroxide. 
Under these conditions the aluminum hydroxide would pre- 
cipitate and the zinc would stay in solution in the form of 
the zinc-ammonia ion, Zn(NH 3 ).i ++ . 

Thus, through the application of the amphoteric proper- 
ties of the aluminum and zinc hydroxides and the subsequent 
use of the ability of the zinc ion to form complex ions, it is 
possible to readily separate these three elements from each 
other. The hydroxides, Fe(OH) 3 , Al(OH) 3 and Cr(OH) 3 
may also be separated from each other by the same general 
procedure; Al(OH) 3 and Cr(OH) 3 are amphoteric while 
Fe(OH) 3 is not. Chromium and aluminum may be subse- 
quently separated from each other by the oxidation of the 
chromite ion, Cr0 2 ~, to the chromate ion, CrCh . Chro- 
mium ion combining with other elements displays two 
principal valences of + 3 and + 6, while aluminum in 
compound form has only the one valence of +3. Other 
ex am ples to illustrate the behavior of amphoteric hydroxides 
and sulfides in the separation and identification of ions are 
too numerous to mention here. However, several illustra- 
tions will be given in Part II of this text relating to the 
separation of the analytical groups and the properties of 
individual ions. 
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Amphoteric Hydroxides as Coordinated Complexes. To 
illustrate the application of the Brpnsted definitions to prob- 
lems involving amphoteric hydroxides, let us choose alu- 
minum hydroxide as the example for consideration. This 
hydroxide was also used as an example (page 224) in the 
discussion of this same subject with the older established 
definitions. 

Many hydroxides do not have a constant and definite 
composition. Nevertheless we use definite formulae to 
designate them. In our previous discussions, for the sake of 
convenience we designated aluminum hydroxide by the for- 
mula Al(OH) 3 . According to this formula this substance 
should consist of 34.58% aluminum, 61.55% oxygen, and 
3.87% hydrogen. Under most circumstances an analysis of 
aluminum hydroxide would not give these percentages but 
other rather widely different values. The reason for this 
discrepancy is that aluminum hydroxide when freshly pre- 
cipitated contains additional water not indicated in the 
formula, Al(OH) 3 . This additional water may be chemically 
bound to the aluminum atom or it may merely be adsorbed. 
When the aluminum hydroxide is dried it loses water, and 
upon continued drying the loss of water does not stop when 
the composition corresponds to the formula A1(0H) 3 , but 
rather when its composition is such as to correspond more 
nearly to the formula A10(0H) or Al20 3 -H20. Upon ex- 
cessive drying (by heating) all the water is lost and only 
the oxide A1 2 0 3 remains. The formula for aluminum hy- 
droxide is therefore often written as A1 2 0 3 -XH 2 0. But for 
convenience, most chemists have adopted the formula 
A1(0H) 3 for this substance. 

To explain the hydrolysis of the aluminum ion by the 
Brpnsted definitions we wrote its formula as A1(H 2 0) 6 +++ 
(p. 211), assuming a coordination number of six for the 
aluminum ion. In keeping with this same concept we can 
also write an analogous formula for aluminum hydroxide 
in the hydrated form, again using the coordination number 
of six. Its formula would then be A1(H 2 0) 3 (0H) 3 . Using 
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this formula let us explain the amphoteric nature of alu- 
minum hydroxide as we have done with the older definitions. 
As an amphoteric hydroxide this substance is both a proton 
donor and a proton acceptor. When dissolved in water it 
may be regarded as accepting protons from and donating 
them to water molecules. 

Acidi Base 2 Basei AcicU 

Al(H 2 0) 3 (0H) 3w + H 2 0 - A1(H 2 0) 2 (0H) 4 " + H s 0+ (14) 
3H,0 + A1(H 2 0) 6 +++ = 3H S 0 + + Al(H 2 0) 3 (0H) 3w (15) 

Bases Acidi Acid 2 Basei 

In the first equilibrium (14) aluminum hydroxide is repre- 
sented as a weak acid, i.e., as a proton donor. In equation 
(15) reading right to left, it is represented as a proton ac- 
ceptor or as a base. This latter process could be expressed 
in three stages, i.e., aluminum hydroxide is a tri-acid base, 
but for convenience we have combined all three steps in 
this single equation. Both reactions (14) and (15) are acid- 
base reactions. If aluminum hydroxide is treated with a 
strong acid the equilibrium (15) is shifted to the left; the 
solid is dissolved and the aluminum ion, A1(H 2 0) 6 +++ is 
formed. If a sodium hydroxide solution is added to a sus- 
pension of aluminum hydroxide the OH - ion of the solution 
combines with the H 3 0 + ion, shifting the equilibrium re- 
action (14) to the right, and aluminate ion A1(H 2 0) 2 (0H) 4 _ 
is formed. The over-all reaction for this latter process is 

A1(H 2 0) 3 (0H) 3 + OH- « A1(H 2 0) 2 (0H) 4 - + H 2 0 (16) 

The amphoteric nature of zinc hydroxide can be explained 
in an analogous way. In this case the formula of zinc hy- 
droxide can be written as Zn(H 2 0) 2 (0H) 2 ; the coordination 
number of zinc is assumed to be four. Then the equilibrium 
reactions representing the amphoteric nature of zinc hy- 
droxide are 

Acidj Bases Basei Acids 

Zn(H 2 0) 2 (0H) 2w + 2H 2 Q = Zn(OH) 4 — + 2H 3 0+ (17) 
Zn(H 2 0) 4 ++ + 2H 2 0 = 2H 3 0 + + Zn(H 2 0) 2 (0H) 2W (18) 

Acidi Base 2 Acid 2 Basei 


233 


EXAMPLES OF PROBLEMS 

In acid solution the equilibrium of the lower equation 
is shifted to the left; Zn(H 2 0)2(0H) 2(< ,) dissolves and 
Zn(H20)4 ++ is formed. In alkaline solution the OH - ion 
combines with the H 3 0 + ion and the equilibrium of reac- 
tion (17) is shifted to the right. The over-all reaction for 
the solution of solid zinc hydroxide by a solution of sodium 
hydroxide is then 

Zn(H 2 0) 2 (0H)2 W + 20H- = Zn(OH) 4 — + 2H 2 0 (19) 

All amphoteric hydroxides may be treated in the same 
way. In each case the accepted coordination number of 
the metal ion should be used. 

EXAMPLES OF PROBLEMS INVOLVING AMPHOTERIC 
SUBSTANCES 

Example 1. 

How many moles of NaOH must be added to 1 liter of water 
to dissolve completely .001 mole of zinc hydroxide? 

The reaction is expressed by the equation 

Zn(OH) 2W + 20H- = ZnO,“ + 2H 2 0 

Zinc hydroxide is a weak acid and ionizes to give H + and Zn0 2 
ions. 

Zn(OH) 2( j) = Zn0 2 — + 2H+ 

The equilibrium expression for the ionization of Zn(OH) 2 as an 
acid is 

(ZnOi— : )(H+) 2 « 1 X 10 -29 

If .001 mole of Zn(OH) 2 dissolves, then .001 mole of Zn0 2 ion 
will be produced. 

(Zn0 2 — )(H+) 2 = (.001) (H+) 2 = 1 X 10 -29 
(H+) 2 - IX 10- 26 
(H + ) = 1 X 10 -1! mole/liter 

From the water equilibrium (OH - ) may be calculated. 

(OH-) = - 0-1 mole/liter 


(H+) 


This value for (OH - ) is the amount in solution at equilibrium 
after the .001 mole of Zn(OH) 2 has dissolved. But to dissolve the 
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Zn(OH) 2 an additional amount (.002 mole) of OH"' ion was re- 
quired. Therefore the total amount of OH" ion needed to dis- 
solve .001 mole of Zn(OH) 2 and to maintain it in solution as 
Zn0 2 "~ ion is 0.1 4* .002 or 0.102 mole. 

(The constant used in this calculation is not accurate enough 
nor is the Law 7 of Mass Action sufficiently valid to warrant taking 
into account the amount of OH" ion consumed in the reaction. 
Therefore the answer 0.1 mole, instead of 0.102 mole, is more 
appropriate.) 

Example 2. 

A solution is .05 M with respect to OH" ion and is in equilibrium 
with solid Pb(OH) 2 . What is the concentration of (a) the Pb ++ 
ion, (b) the HPb0 2 “ ion, and (c) the H + ion in the solution? 
(Disregard the second step of ionization of Pb(OH) 2 as an acid.) 
In this solution the following equilibria are present. 

Pb(OH) 2(s) = Pb++ + 20PI” (1) 

Pb(OH) 2( 5) « HPbOo” + H+ (2) 

Since (OH") has a value of .05 M and the value for the solubility 
product constant for Pb(OH) 2 is 2.5 X 10" 16 , we have from 
equation (1) 

(Pb++)(OH") 2 = (Pb++)(.05) 2 - 2.5 X 10" 16 
Therefore 

9 c; v in— 16 

( Pb++ ) - || ^ L _ - 1 X 10-« M 

From equation (2) we may write 

(HPbO<r)(H+) = 2.1 X 10-“ 

Since the value for (OH - ) is .05 M, (H + ) must be 


1 X 10~ 14 

(OH-) 


1 X 10“ 14 
5 X 10~ 2 


2 X 10~ 13 M 


(HPbO a -)(2 X 10-“) = 2.1 X 10- 16 
9 i v in-16 

(HPbOr) = = 1-05 : 


1.05 X 10“ 3 i¥g IX 10- 3 M 


Example S . 

How many moles of Cr(OH) 3 will dissolve in 1 liter of 0.2 M 
NaOH solution? The equation for the reaction is 
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Cr(OH) 3w + OH- = Cr0 2 " + 2H 2 0 

According to this equation the number of moles of Cr(OH)s which 
dissolves will be equivalent to the number of moles of Cr0 2 - ion 
in solution. 

As an acid Cr(OH) 3 ionizes as follows: 

Cr(OH)s (J) = Cr0 2 - + H+ + H 2 0 
The ionization constant has a value of 9 X 10~ 17 ; therefore 
(Cr0 2 -)(H+) = 9 X 10~ 17 

1 X IQ— 14 

Since (OH") has a value of 0.2 M, (H+) is — ^ — or 5 x 10_U M - 
Then 

(Ct0 2 -)(5 X 10- 14 ) = 9 X 10- 17 

(CrOr) = l * ^ = 1-8 X 10- 3 mole/liter 

Therefore .0018 mole of Cr(OH) 3 dissolves in 1 liter of 0.2 M 
NaOH solution. 

QUESTIONS AND PROBLEMS 

1. What are the anhydrides of the following substances: 
(a) HN0 3 , (b) Ca(OH) 2 , (c) NaOH, (d) H 2 S0 4 , (e) Mg(OH) 2 and 
(f) HC10 4 ? 

2. Give the formulae of the hydroxides of which the following 
are the anhydrides: ZnO, Cr 2 0 3 , PbO, A1 2 0 3 and Sb 2 0 3 . 

3. Rearrange the formulae of the hydroxides given in ques- 
tion 2 in such a way as to emphasize their acidic properties. 

4. Write the equations for the equilibrium involved when 
aluminum hydroxide acts both as an acid and as a base. 

5. How may the equilibrium in problem 4 be shifted so as to 
produce (a) a large concentration of A1 1 1 + ions, (b) a large concen- 
tration of A10 2 “ ions? 

6. Are the elements in the first main group of the periodic 
system more electronegative than those of the fourth group or 
vice versa? 

7. In the series of eighteen elements of the periodic table be- 
ginning with argon, name those, the hydroxides of which are not 
amphoteric. 
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8. Which hydroxide acts as a stronger acid, Sn(OH) 2 or 
Sn(OH) 4 ? 

9. Predict which hydroxide would act as the stronger acid, 
Ge(OH) 2 or Ge(OH) 4 . Explain the basis of your prediction. 

10. Write the formula for the sulfur analogue of each one of 
the following oxygen compounds: (a) H 2 0, (b) SnO, (c) K 2 0, 
(d) C0 2 , (e) OH-. 

11 . Give equations for the reactions involved when AS 2 O 5 is 
dissolved by a solution containing OH" and when AS 2 S 5 is dis- 
solved by a solution containing HS" ions. 

12. Why will SnS dissolve readily in ammonium polysulfide 
while in ammonium sulfide it is soluble only to a very small ex- 
tent? 

13. Making use of the amphoteric properties of Zn(OH) 2 and 
A1 (OH)s and the complex-forming properties of Zn ++ show how 
Zn(OH) a , Al(OH) s and Fe(OH) 3 may be separated from each other. 

14. How many moles of NaOH must be added to 100 ml. of 
water to dissolve completely .001 mole of Zn(OH) 2 ? 

15. A saturated solution of Zn(QH) 2 in water contains the 

following ions in equilibrium with each other: Zn ++ , Zn0 2 , H + , 
and OH". Calculate the concentration of each ion in such a 
solution. (Note: from the solubility product constant for Zn(OH) 2 
calculate (Zn++) and (OH"), then obtain (H + ) from the water 
equilibrium, and finally calculate (Zn0 2 ) from the equilibrium 

for the ionization of Zn(OH)a as an acid.) 

16. What is the concentration of the Zn ++ ion and of the 
Zn0 2 — ion in a solution which is .01 molar with respect to OH" 
ion and which is in equilibrium with solid Zn(OH) 2 ? 

17. A solution is 0.1 molar with respect to OPI" ion and is in 
equilibrium with solid Pb(OH) 2 . What is the concentration of 
(a) the Pb ++ ion, (b) the HPb0 2 " ion, and (c) the H + ion in this 
solution? 

18. Will .002 mole of Cr(OH) 3 dissolve in 1 liter of 0.1 molar 
NaOH solution? 

19. Excess Al(OH) 3 is added to 1 liter of a solution of NaOH. 
After equilibrium is reached .01 mole of Al(OH) 3 is dissolved. 
What is the final concentration of the OH" ion? 


CHAPTER IX 


OXIDATION AND REDUCTION 

All chemical reactions may be classified into two types: 
those which involve oxidation and reduction and those 
which do not. The reactions of the latter type consist of 
exchanges of atoms or groups of atoms without any change in 
the valence states of any of the reactants or, in terms of the 
electronic concept of matter, without any transfer of elec- 
trons. Familiar examples of reactions in water solution 
which do not involve any change in the valence state are: 


Ag+ + Cl- = AgCl (solid) (1) 

Ba++ + S0 4 — = BaS0 4 (solid) (2) 

S0 3 — + 2H+ = S0 2 + H 2 0 (3) 

Cu++ + H 2 S = CuS (solid) + 2H+ (4) 


In each of these reactions the valence states of the atoms or 
groups comprising the products are the same as those of the 
reactants. The equations representing these reactions are 
relatively simple as compared with those of the oxidation- 
reduction type. 

Oxidation-reduction reactions are equally important in 
the study of the chemistry of solutions. It is therefore 
essential to have a clear understanding of oxidation-reduc- 
tion reactions and of the balancing of equations used to 
express them, that we may obtain some idea of the relative 
power of oxidizing and reducing agents, and that we be able 
to predict their products. Furthermore, it is of the greatest 
importance to be able to determine by calculation whether 
it is possible for any given oxidation-reduction reaction to 
proceed to an appreciable extent. It is from these points of 
view that the discussion of this subject will proceed. 
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Balancing of Oxidation-Reduction Equations 
To understand clearly oxidation-reduction processes it is 
essential to obtain a thorough working knowledge of a 
systematic scheme for balancing equations. 

As an example of an oxidation-reduction reaction we shall 
choose the reaction of ferrous ion with chlorine in water 

solution. 2Fe++ + Cl2 = 2Fe+++ + 2C1~ * (5) 


It is apparent that the condition of the iron and of the 
chlorine in the reactants is entirely different from that in the 
products. In the reactants the ferrous ion carries two 
positive charges while in the product the ferric ion bears 
three positive charges. Likewise, molecular chlorine is a 
reactant but the only product containing chlorine is the 
chloride ion. Both reactants have changed their valence 
states. In the course of the reaction the iron becomes more 
positive and the chlorine more negative. The valence num- 
ber of the iron in equation (5) changes from + 2 to +3, 
whereas that of the chlorine changes from 0 to - 1. Thus, 
the ferrous ion loses one electron in the reaction while the 
chlorine atom gains one electron (the chlorine molecule ac- 
cordingly gains two electrons). Substances which lose elec- 
trons are reducing agents, while those which gain electrons 
are known as oxidizing agents. The oxidizing agent oxidizes 
the reducing agent and the reducing agent reduces the oxidizing 
agent. In the reaction under discussion the ferrous ion is the 
reducing agent and it is oxidized to the ferric ion since it 
loses an electron. On the other hand, the chlorine in the 
zero state is the oxidizing agent and it is reduced to the 
chloride ion since it gains an electron. Every oxidation 
process is simultaneously accompanied by a reduction proc- 
ess; the two processes are associated with each other and 

* In writing equations for oxidation-reduction reactions we shall continue 
to omit those substances which do not contribute in any way to the progress 
of the reaction. For example, in equation (5), if a solution of ferrous sulfate 
were the reactant employed, we would omit the sulfate ion (S0 4 ) from both 
sides of the equation. 
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cannot act independently. The total number of electrons 
gained by an oxidizing agent in a given reaction must equal 
the total number of electrons lost by the corresponding 
reducing agent. It is through this concept that we shall 
balance equations of the oxidation-reduction type. 

The Valence Number. Before we balance equation (5) on 
the basis indicated above let us consider parenthetically 
what is meant by a change in valence state or valence num- 
ber. In some cases the valence number of an atom in a 
molecule is equal to the charge that the atom will acquire 
when the molecule dissociates in water to produce ions. 
Thus, the valence number of iron in ferrous chloride is + 2, 
the same as the charge on the ferrous ion (Fe ++ ) in solution. 
In other cases, however, the valence number of an atom in a 
molecule is assigned in a more arbitrary manner; its value 
does not correspond to the charge on any known ion of that 
element. The valence number of carbon in methane (CH 4 ) 
is - 4. A carbon ion with four negative charges is not 
known. In assigning, a valence of - 4 to carbon in methane, 
we have quite arbitrarily assumed a valence number of + 1 
for hydrogen. Acids dissociate to give the hydrogen ion, 
H+, which bears a + 1 charge. Likewise, water to a smaller 
extent dissociates to give hydrogen ions as one of the 
products. Methane, to the best of our knowledge, does not 
dissociate in solution to give hydrogen ions, yet in consider- 
ing the valence number of the molecule we recall the concept 
that hydrogen atoms have a tendency to lose one electron 
and produce hydrogen ions. To be consistent we therefore 
assign a + 1 valence number to hydrogen in methane. In 
fact, in all compounds containing hydrogen this same valence 
number for the hydrogen atom is arbitrarily assumed and the 
valence numbers of other atoms are assigned accordingly.* 

The valence number of the oxygen atom in the water 
molecule is — 2 and since the state of oxidation of the 



* An exception to this statement is found in the case of the hydrogen 
compounds (hydrides) of the strongly electropositive elements such as LiH, 
NaH, CaH 2 , etc. In these compounds the valence number is evidently — I. 
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oxygen atom in water is the same as it is in oxides, it is 
assumed that the valence number of oxygen in all oxygen 
compounds, with the exception of the peroxides, is — 2. 
In hydrogen peroxide, as well as in all peroxides, each oxygen 
atom must have a valence number of — 1 if the valence 
number of each hydrogen atom is to be retained as + 1. 

I In assigning the valence number of any atom, the only 

principle to be observed is that the algebraic sum of the 
valence numbers of all atoms in the molecule under con- 
sideration must equal zero in the case of neutral molecules, 
or must have the same value as the charge in the case of an 
ion. The following examples will serve to illustrate this 



point. 

Atoms 

Valence Number 

Total 


Substance 

per Atom 

Charge 

\\l 

Water 

2 hydrogen 

+ 1 

+ 2 

J'l 


1 oxygen 

- 2 

- 2 

Net charge 0 

1; 

Sulfuric Acid 

2 hydrogen 

+ 1 

+ 2 

■d 

I 'fi 


4 oxygen 

- 2 

- 8 

s: 

I 'I* • 

1 


1 sulfur 

+ 6 

+ 6 

Net charge 0 

1 ‘/I 

Ammonium ion 

4 hydrogen 

+ 1 

+ 4 


(NH 4 + ) 

1 nitrogen 

- 3 

- 3 

Net charge + 1 


In the last case 

the net charge of + 1 is 

the same as the 


3 charge on the ion. 

|| In some cases there may be two atoms of the same ele- 

ment but in different valence states in one and the same 
molecule. For the purpose of balancing equations, either the 
algebraic sum or the average valence number is used. For 
example, consider the valence state of carbon in ethyl 

[ § chloride, 

S | H H 

1 II 

- ■ H — C — C — Cl 

I 

iw,.. 


H H 
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From the structural formula it is apparent that one carbon 
atom has a valence number of — 3 and the other carbon 
atom a valence number of — 1. The sum of the valence 
numbers of these two carbon atoms is - 4. This result 
could also be determined from the empirical formula, C2H5CI. 
The algebraic sum of the valence numbers of all the atoms 
must equal zero. Thus, five hydrogen atoms give + 5 ; one 
chlorine atom, - 1; and the two carbon atoms must give 
- 4 to give an algebraic sum equal to zero. Obviously the 
average valence number of the carbon atoms is 2 and for 
purposes of balancing equations this value should be used. 

Atoms in the elementary state have a valence number of 
zero. Thus elementary copper, zinc, sodium, chlorine, hy- 
drogen, oxygen, etc., possess atoms which as such function 
in reactions with a valence number of zero. In order that 
an atom have a positive or a negative valence number the 
atom must be in the form of an ion or in molecular com- 
bination. 

Returning to the example of the oxidation of ferrous ion 
by chlorine, we may balance the equation on the basis of an 
equality in the number of electrons lost and gained. Writ- 
ing the unbalanced equation 

Fe++ + Clj = Fe+++ + Cl- (6) 

we see that when one ferrous ion changes to a ferric ion the 
process involves a loss of one electron, and when one chlorine 
atom in the zero valence state changes to a chloride ion, the 
process involves the gain of one electron. From an elec- 
tronic standpoint the equation would be balanced if chlorine 
existed as a single atom and not as Cl 2 , but since we know 
that elementary chlorine under ordinary conditions of tem- 
perature exists in the molecular form, as two atoms to the 
molecule, we must maintain it in this condition in our equa- 
tion. The two chlorine atoms are held together in the 
molecule through a sharing of electrons, in other words, as a 
non-polar binding. This condition places each chlorine 
atom in the zero state of valence. Since two atoms of 
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chlorine would necessarily gain a total of two electrons, and 
since one ferrous ion loses only one electron, equation (6) is 
not balanced. It may be balanced electronically, as illus- 
trated in the following equation in which the change in 
valence numbers is indicated. 

+ 2 0 + 3 - 1 


Fe ++ + C. 

L 2 = Fe+++ + C:. 

j 2 x 1 e~ lost 

| 


2 e~ gained per molecule 


For an electronic balance the gain of two electrons by the 
two chlorine atoms of the chlorine molecule must be equaled 
by a loss of two electrons by the ferrous ion. The latter 
process requires two ferrous ions. In this particular case 
the complete balancing is relatively simple since no other 
substances are involved in the reaction aside from the oxidiz- 
ing and reducing agents and their products. Thus, the com- 
pletely balanced equation is 

2Fe++ + Cl 2 = 2Fe+++ + 2C1~ (8) 

In the following sections we shall present examples to il- 
lustrate the completion of more complicated equations after 
they have been balanced from the electronic standpoint 
only. 

Oxidation and Reduction in Acid Solution. Many oxidation- 
reduction reactions take place with the production or con- 
sumption of hydrogen ions and these ions must therefore be 
included in the balanced equation. Among those substances 
which act as oxidizing agents in acid solution are included 
permanganate ion, MnCh - , dichromate ion, Cr 2 07 , and 

nitrate ion, N0 3 ~. In the process of oxidation and reduction 
some or all of the oxygen atoms in these ions react with 
hydrogen ions to produce water. Thus chloride ion is 
oxidized by permanganate ion in acid solution to give the 
products shown in the following equation: 

+ 7 - 1 +2 0 

MnCh" + Cl- + H+ = Mn++ + Cl, + H 2 0 (9) 
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The procedure is, (1) assign valence numbers, (2) balance 
the equation electronically, and (3) make a complete balance. 
It is evident that the Mn0 4 _ ion is the oxidizing agent and 
the CL ion the reducing agent; the Mn0 4 - ion is reduced 
and the Cl - ion is oxidized. The valence number of the 
manganese atom in the Mn0 4 ~ ion is + 7, while in the Mn++ 
ion it is +2. Evidently a change has taken place which 
involves a gain of five electrons by the Mn0 4 _ ion since the 
valence number of the oxygen is not changed in this reaction. 
Chloride ion, valence number - 1, changes to free chlorine 
of zero valence number, which process can be accounted 
for only by a loss of one electron per Cl - ion. The change 
in the electrons may now be represented as 
+7 - 1 +2 0 
Mn0 4 ~ + Cl - + H+ = Mn ++ + CL + H 2 O (10) 


5 e~ gained 



1 e~ lost 


For an electronic balance the same number of electrons 
must be taken up by the oxidizing agent as is given up by 
the reducing agent. Therefore five Cl~ ions are required for 
each Mn0 4 ~ ion to produce an exchange of five electrons, 
and therefore 

Mn0 4 ~ + 5CL + ?H+ = Mn ++ + fCl 2 + ?H 2 0 (11) 

Multiplying both sides of the equation by 2 to remove the 
fraction f, the equation becomes 

2Mn0 4 - + 10CL + ?H+ = 2Mn++ + 5C1 2 + ?H 2 0 (12) 

A balance of the hydrogen and oxygen atoms is still lack- 
ing. However, it will be observed that all of the oxygen of 
the oxidizing agent through combination with hydrogen ions 
is converted into water. Since two molecules of perman- 
ganate ion contain eight oxygen atoms, eight molecules of 
water must be formed. In turn, eight molecules of water 
require sixteen hydrogen ions and the equation is finally 
written 
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2Mn0 4 - + 10C1- + 16H+ *= 2Mn++ + 5C1 2 + 8H 2 0 (13) 

When the permanganate ion acts as an oxidizing agent in 
acid solution the manganese is always reduced to the man- 
ganous ion, Mn ++ . 

Another very satisfactory method for completing the 
balancing of the equation, after the oxidation-reduction part 
has been taken care of, is one involving a balance of the ion 
charges (not necessarily valence numbers) on both sides of 
the equation. Beginning with equation (12) the coefficients 
for the hydrogen ions and water molecules may be de- 
termined as follows: On the right side of the equation the 
only charged particles are the two Mn++ ions. The total 
ionic charge on the right is therefore + 4. The algebraic 
sum of the charges on the left side must also be + 4. 
Neglecting the H + ion for the moment, which is not bal- 
anced, the total charge on the left side is found to be 
- 12(2Mn0 4 ~ + 10C1-). Sixteen H+ ions are necessary to 


make the algebraic sum + 4 ( 


10 + 16 = + 4). The 


sixteen H+ ions produce eight molecules of water. As a final 
check on the method the number of oxygen atoms on both 
sides of the equation must be the same, which is the case 
for the finally balanced equation (13). This method of final 
balance is often simpler than the alternative method previ- 
ously given. 

Another strong oxidizing ion in acid solution is the di- 
chromate ion, Cr 2 0 7 -~, which in this medium is always re- 
duced to the chromic ion, Cr+++. Thus, iodide ion is oxidized 
by Cr 2 0 7 ~ - to I 2 : 


+ H 2 0 


The valence number of the chromium atom in the Cr 2 0 7 — 
ion is + 6, but since there are two chromium atoms per ion 
the total charge is + 12. When one Cr 2 0 7 “ ion is reduced 


2 x ( + 6) 

- 1 2 X (+ 3) 0 

Cr 2 0 7 “ + 1 

[- + H+ - 2Cr+++ + I 2 

| 6e~ gained 

| 


1 e~ lost per atom 
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to two Cr +++ ions there is a gain of six electrons, three 
electrons for each chromium atom, whereas one I - ion loses 
one electron in the oxidation to an iodine atom in the iodine 
molecule. For an electronic balance it is evident that six I~ 
ions are required to take care of the gain of six electrons by 
the chromium atoms of the Cr 2 0 7 ion; thus 

Cr->0 7 — + 61- + ?H+ = 2Cr+++ + 3I 2 + ?H 2 0 (15) 

The equation is now balanced electronically. Making the 
final balance by means of the ionic charge method we find 
a charge of + 6 on the right side of the equation due to the 
two Cr +++ ions, and a charge of — 8 on the left side (Cr 2 0 7 
+ 6I“). To make the algebraic sum of the charges on the 
left equal that on the right, namely + 6, it is necessary to 
add a charge of + 14 to the left side. This is accomplished 
by using fourteen H+ ions which form seven molecules of 
water. The final completely balanced equation is therefore 
Cr 2 0 7 — + 61- + 14H+ = 2Cr+ ++ + 3I 2 + 7H 2 0 (16) 

The correctness of the balance is checked by the presence 
of seven oxygen atoms on each side of the equation. 

The alternative method of making the final balance (be- 
ginning with equation 15) is somewhat simpler. The seven 
oxygen atoms on the left are completely converted into 
water. It is evident that in order for this to take place 
fourteen H+ ions must be furnished and seven molecules of 
water will be formed. 

Oxidation-reduction equations can be balanced without 
the introduction of the concept of electron change. When 
this is done one merely takes into account the positive or 
negative change in valence number. For example, in equa- 
tion (14) the valence number of the chromium atoms in the 
Cr 2 0 7 — ion changes from + 12 to + 6, a net change of - 6, 
in the process of conversion to two Cr +++ ions. The valence 
number of each I - ion changes from — 1 to zero, a net 
change of + 1, in going to free iodine. To make the net 
positive charge equal the net negative charge six I~ ions are 
necessary. 
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We shall now consider an example of the balancing of an 
oxidation-reduction equation in which the reducing agent 
contains more than one kind of atom undergoing change in 
valence number. For this purpose let us choose the reaction 
of arsenous sulfide with nitric acid in which there is pro- 
duced arsenic acid, free sulfur and nitric oxide. 

2x(+5) 0 +2 

2HAs0 3 +3S +NO +H2O 


2x(+3)+3x(-2) +5 

AS2S3 + NOs" + H + 

I 10 e~ lost 1(2x2 ) +(3x2) 




3 e~ gained 


(17) 


The valence number of the arsenic atom in As 2 S 3 is + 3 
and the valence number of the sulfur in this molecule is — 2. 
Both the arsenic and the sulfur change valence number and 
the total change for each As 2 S 3 molecule is + 10 as indicated 
in the above equation. On the other hand, each NO3 ion 
gains three electrons in its conversion to nitric oxide. Thus 
ten NO s _ ions and three molecules of As 2 S 3 are necessary to 
produce the same loss as gain in electrons (namely 30). 

3As 2 S 3 + IONO3- +?H+ = 6HAs0 3 +9S + 10NO + ?H 2 0 (18) 

Balancing equation (18) by the ion charge method, we find 
zero charge on the right side of the equation and a charge 
of - 10 on the left (omitting the H+ ion). Accordingly, 
ten H+ ions are necessary to produce a net ionic charge on 
the left equal to zero. This amount of H+ ion produces two 
molecules of water since six H+ ions are required for the 
production of six molecules of HAs0 3 and the finally balanced 
equation becomes 

3 As,S 3 + IONO3- + 10 H+ = 6HAs0 3 +9S + 10NO + 2H a O (19) 

Checking the balancing by the oxygen atom count we find 
thirty oxygen atoms on each side of the equation. 

Oxidation and Reduction in Alkaline Solution. As an ex- 
ample we shall choose the oxidation of chromite ion, Cr0 2 ~, 
by hypochlorite ion, CIO - , in the presence of hydroxide ion, 
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OH - . The unbalanced equation with the valence numbers 
indicated is 

+ 3 + 1 + 6 ~ 1 

Cr0 2 - + CIO" + OH- = CrO” + Cl" + H 2 0 (20) 

} 2 x3e~ lost 1 

3 x2 e~ gained 

and the electronic balance is 

2Cr0 2 " + 3C10- + ?OH- = 2Cr0 4 “ + 3C1- + ?H 2 0 (21) 

Since the algebraic sum of the charges on the ions on the 
right side of the equation is - 7 and that on the left (leav- 
ing the OH - out of consideration for the present) is — 5, it is 
evident that two OH - ions are required on the left. One 
molecule of water is formed and the balanced equation is 

2Cr0 2 - + 3C10- + 20H- = 2CrO“ + 3C1~ + H 2 0 (22) 

Oxidation-Reduction Equilibria 

Relative Strengths of Oxidizing and Reducing Agents. The 
metals are regarded as good reducing agents since they all 
exhibit a tendency to lose electrons and form positive ions. 
This tendency varies considerably from metal to metal. 
The alkali and alkaline earth metals show a great tendency 
to lose electrons while this tendency is much less pronounced 
in the case of the noble metals such as platinum and gold. 
The so-called electromotive series of the elements is an 
arrangement based upon the tendency of elements to lose 
electrons and is accordingly also an arrangement of the 
elements as reducing agents. The alkali and alkaline earth 
metals are found at the beginning while platinum and gold 
are at the end of the series of metals. Hydrogen occupies 
an intermediate position. 

It is possible to determine the order of the metals in this 
series by displacement reactions, since the elements which 
show a great tendency to lose electrons and form positive 
ions will displace elements from solution which show this 
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same tendency to a lesser degree. The following are a few 
familiar examples of displacement reactions : 

Ca + Zn ++ = Zn + Ca ++ (23) 

Zn + Fe ++ = Fe + Zn++ (24) 

Fe + Sn++ = Sn + Fe++ (25) 

Sn + Cu++ = Cu + Sn++ (26) 

Cu + 2Ag+ => 2Ag + Cu ++ (27) 

The order of the decreasing tendency of these elements to 
lose electrons is Ca, Zn, Fe, Sn, Cu and Ag, which is also 
the decreasing order of these elements as reducing agents. 
Since every reducing agent must react with an oxidizing 
agent in an oxidation-reduction reaction, the ions of these 
particular elements are therefore the oxidizing agents. The 
ion of the best reducing agent is itself the poorest oxidizing 
agent, for if a metal has a great tendency to lose electrons 
its ion must have a small tendency to acquire them. When 
both the metal and its ion are listed as an oxidation-reduction 
couple we obtain a table of oxidizing and reducing agents as 
follows : 

-f t Ca Ca++ -g 

Zn Zn ++ fo 

< Fe Fe++ < 

bC ofi 

.3 Sn Sn++ .3 

| Cu Cu++ | 

£ i A § A § + ± o 

Most of the non-metals have a pronounced tendency to 
gain electrons, that is, to behave as oxidizing agents. Those 
elements which show a greater tendency to acquire electrons 
and form negative ions will displace elements from solution 
which show this same tendency to a lesser degree. For ex- 
ample, 


Cl 2 + 2Br- = 2C1- + Br 2 
Br 2 + 21 ~ = 2Br~ + I 2 
I t + H 2 S = 21- + S + 2H+ 


(23) 

(29) 

(30) 


1 
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As far as the ability to gain electrons is concerned these sub- 
stances fall in the decreasing order of Cl 2 , Br 2 , I 2 and S. 
Sulfur is the weakest and chlorine the strongest oxidizing 
agent of this group. The ions of these elements may be 
regarded as reducing agents. On the basis of reactions 
which are known to take place between these non-metals 
and the metals, both may be included in a single table. 

TABLE 13- 

Oxidation-Reduction Couples 


Ca — 

— Ca++ 

Zn — 

— Zn++ 

Fe — 

— Fe++ 

Sn — 

— Sn++ 

H 2 S — 

— S + 2H+ 

Cu — 

— Cu++ 

I- — 

— I 2 

Ag — 

— Ag+ 

Br- — 

— Br 2 

ci- - 

— Cls 


Any substance on the right side of the table (oxidizing 
agent) will react with any substance on the left (reducing 
agent) provided that the reducing agent lies above the oxidiz- 
ing agent. For example, iodine will react with zinc to 
produce iodide ion and zinc ion in solution. 

I 2 + Zn = Zn++ + 21- (31) 

It has already been shown that oxidizing and reducing 
agents are not limited to the elements alone. Many ions 
of the elements and groups of elements (radicals) may take 
the part of reducing and oxidizing agents. Thus Mn0 4 “ ion, 
in the presence of H+ ion, will oxidize Fe ++ , I - , Cl~ and Br~ 
ions; Cr 2 0 7 — ion, in the presence of H+ ion, will oxidize 
Br-, I- and many other ions; Sn++ ion will reduce N0 3 ~, 
CIO - , As0 4 , Bi +++ , Fe +++ and other ions. 

Oxidation-Reduction Equilibria. Table 14, which is an 
extension of Table 13, includes all of the principal oxidizing 
and reducing agents commonly used in inorganic chemistry. 
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By the use of this table, in conjunction with the tables which 
list the solubility product constants of difficultly soluble 
substances and the ionization constants for weak acids, it is 
possible to predict the course of more than 10,000 reactions. 
Such predictions may be made on a quantitative as well as a 
qualitative basis. In other words, it is possible to calculate 
the equilibrium constants for all of these oxidation-reduction 
reactions. To obtain some idea of the significance of Table 
14, the meaning of the symbols involved, and the manner 
in which it w r as constructed, it is necessary to consider some 
specific oxidation-reduction equilibria. 

Suppose, for example, that w r e consider the equilibrium 
between Fe ++ ion, Fe +++ ion, H + ion and H 2 , which is rep- 
resented by the equation 

2H+ + 2Fe++ = H, + 2Fe+++ (32) 

This oxidation-reduction reaction, as written in equation 
(32), involves an increase and decrease of two charges or 
two electrons. Dividing this equation by two in order to 
obtain an oxidation-reduction change of only one charge or 
one electron, we have 

H+ + Fe++ = *Hs + Fe+++ * (33) 

This equation represents an equilibrium which in every 
respect is like the equilibria discussed in previous chapters. 
Likewise, the expression for the equilibrium constant will 
contain the concentrations of the products of the reaction 
in the numerator and the concentrations of the reactants in 
the denominator. 

(H 2 ) i (Fe+++) 

(H+)(Fe++) 


= K „ 


10-12.5 f 


(34) 


* In equation (33) the coefficient of H 2 is |. When considering any 
equation from the standpoint of molecules and single ions we eliminate all 
fractional coefficients. However, if the equation is interpreted in terms of 
moles it is quite permissible to use fractions. In this latter sense equation 
(33) is interpreted; one mole of hydrogen ion when reacting with one mole 
of ferrous ion produces one-half mole hydrogen gas and one mole ferric ion. 

f I0“ 12 * 5 is a pure exponential number and is equal to lO* 0 * 5 X 10“ 1S which 
in turn is equal to 3.16 X 10“ 13 . For the present purpose it is very much 
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The value of the constant, 10~ 12 - 5 , has been determined 
experimentally by measuring the pressure of the hydrogen 
gas (expressed in atmospheres) and the concentrations of 
the Fe ++ , Fe +++ and H+ ions (in terms of moles per liter of 
solution). In many oxidation-reduction reactions the equi- 
librium is displaced so far in one direction that the small 
concentrations of the reactants cannot be determined by 
ordinary analytical methods. However, in many cases the 
voltage delivered by an E.M.F. cell, consisting of the ions 
and molecules of an oxidation-reduction system in equi- 
librium, can be measured. This voltage depends upon the 
concentrations of the constituents of the oxidation-reduction 
equilibrium and serves as a means of determining the 
equilibrium constants for the reactions. Such cells are 
similar to the familiar Daniell cell. For our present purpose 
we shall omit any discussion of the analytical method of 
determining the concentrations of substances involved in 
equilibria of this kind. 

In equation (34) there are two oxidation-reduction couples 

involved, namely, -pL H+ and Fe ++ Fe +++ . For 

convenience these couples are to be regarded as half-reactions, 
the equilibrium expressions for which are 

(H 2 )i (Fe +++ ) ( . 

jH+j = K\ and = K 2 (35) 

It is impossible to obtain absolute values for the equilibrium 
constants for the half-reactions since oxidation can proceed 
only when accompanied by a reduction reaction and vice 
versa. In this particular case Fe ++ ion can be converted to 
Fe +++ ion only in the presence of an oxidizing agent which 
in equation (33) is the H + ion. The identical argument 
applies for the reduction process. However, if we could 
obtain relative values for the half-reactions it would then 
be possible to use combinations of these relative values to 


? a 


1 /[!;•' ’’f'i'- 
j/ ;y. 
§ 111 ; 


more convenient to use these fractional exponents rather than mixed num- 
bers. For a complete discussion of exponential numbers see page 469 of the 
Appendix. 
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calculate equilibrium constants for oxidation-reduction re- 
actions involving any two or more of the half -reactions. 
Such a procedure is possible. 

To illustrate the significance of the half-reaction constants 
given in Table 14, let us consider the equilibrium expressions 
of equation (34) . It is not possible to obtain a definite numer- 
ical value for either of the half -reaction constants, yet we can 
obtain relative values of these ratios by assuming some arbi- 
trary value for one of them. For convenience, allow the ratio 

- ! - to be equal to -> i.e., the inverse of this ratio A > 

(JJ+) Ot (.Xl2j 

to be equal to a. Substituting this value in equation (34) 

(Fe +++ ) . 

we obtain 1 0 -12 ,) q! for the value of the ratio (p e ++) since 


(H,)’ (Fe+++) 


(H + ) 


x 


and 


(Fe ++ ) 
(Fe+++) 
(Fe ++ ) 


1 (Fe +++ ) 

~ a X (Fe++) 


= io- 1; 


10 


- 12.5 


a 


Now consider another reaction involving Fe++ and Fe +++ 
ions. 

Mn0 4 - + 5Fe ++ + 8H+ = Mn++ + 5Fe +++ + 4H 2 0 (36) 

This equation involves an oxidation-reduction change of 
five units of charge or five electrons. Changing equation 
(36) so that only one unit of charge is involved, we have 

4Mn0.r + Fe++ + |H+ = }Mn++ + Fe +++ + |H 2 0 (37) 

The equilibrium constant for this reaction is 

(Fe ++ +) (Mn ++ U H« Ch ^ g = iqis. 3 (experimental) (38) 

(Fe++)(Mn0 4 -) s (H+)^ 

In this expression we have included the term H 2 O s where 
normally it would be omitted, as in past examples, for the 
concentration of the water molecules does not change ap- 
preciably in such reactions and for all practical purposes 
may be regarded as remaining constant. Although the 
term can be omitted from equation (38) we shall see later 


.yjpussp 
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that its inclusion will be very convenient in the selection of 
the proper half-reactions required for the calculation of the 
oxidation-reduction equilibrium constants in question. All 
such terms which can be omitted appear in italics. Formally 
each of these italicized terms may be regarded as being 
equal to unity. Substances which do not change appreciably 
in concentration during the course of a reaction, such as 
water, and all substances existing in a separate phase (not 
in solution), such as relatively insoluble solids, come under 
this classification. 

(Fe +++ ) 

The value of the term was previously found to 

(H+) 

be equal to 10- 125 a (maintaining the value y — % as a). 

(Ho ) 2 

Thus, 

(Fe+++) (Mn++)»ff a O* = 1Q _ 12 . 5 (Mn++)*ff a OV = 1013 . 3 
(Fe++) (Mn0 4 -)*(H+)* (Mn0 4 -) i (H+)* 

and therefore 

(Mn++)^F# 10 13 - 3 


_ 10 258 

(Mn0 4 -)*(H+)* " 10- 12 ' 5 a ~ a 

The inverse of this value is 10 -26 - 8 o:, as given in Table 14. 

We shall next consider the reaction represented by the 
equation 

3Fe++ + NOr + 4H+ = 3Fe+++ + NO + 2H 2 0 (39) 

Reducing this equation to represent one electron change, we 
have 


Fe ++ + }N0 3 - + |H+ = Fe +++ + |NO + fH 2 0 
the value for the equilibrium constant of which is 
(Fe+++)(NO) i tf 2 O f 


(40) 


Since 


, . - 10 3 - 5 (experimental) (41) 

(Fe++)(N0 3 -)' l (H+)* 

(Fe+++) equa i g io- 12J o:, the value for 777^ - 


(Fe ++ ) 

is accordingly 10~ 16 a:, as given in Table 14. 


(NOpHtO* 
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In this way it is possible to build up values for the half- 
reaction constants for all oxidation-reduction couples. It 
will be observed that for every completed reaction the alphas 
(cds) always cancel. The reason for reducing every half- 
reaction to one which involves a change of only one unit of 
charge or one electron is to allow for this cancellation. Since 
the alpha term always cancels it can be omitted. The values 
of the half -reaction constants in Table 14 therefore include 
only the coefficients of alpha. 

TABLE 14* 

Oxidation-Reduction Half-Reactions 

For convenience in locating the half-reaction in the table, each 
equation is given in terms of w r hole number coefficients. The 
equilibrium expression for the half-reaction, however, is for a one 
electron loss, or a gain of one unit ol valence number. The 
exponent of the half -reaction constant is given to the first place 
following the decimal point. In some cases the experimental data 
for the determination of this value do not warrant a significant 
figure of this magnitude, w T hile in other cases they do. Therefore 
the figure following the decimal point is not always significant; 
it represents an estimated value of the average accuracy. For 
convenience, the solid phases such as Li and the practically non- 
varying components such as ThO are included in the equilibrium 
expressions for the half-reactions and appear in italics . These 
will either cancel in the calculated equilibrium expression for a 
complete reaction or they are to be omitted after the equilibrium 
expression has been finally set up. They are included here for 
convenience in manipulating the half-reaction expressions. The 
exponents for the solid and non-varying components have no 
significance. These are also included for convenience. The con- 
centrations of gases, for example (H 2 ), are to be expressed in 
terms of pressures (atmospheres). 

As in Table 13 the right-hand member of each half-reaction is 
an oxidizing agent, and the left-hand member a reducing agent. 

* Compiled from data obtained from Reference Book of Inorganic Chemistry , 
Latimer and Hildebrand (Macmillan), and from International Critical Tables , 
(McGraw-Hill). 
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The best reducing agents are at the beginning of the table and 
the best oxidizing agents at the end. Any given oxidizing agent 
will oxidize any reducing agent lying above it in this table. 

It is possible to predict qualitatively whether or not some of 
the simpler reactions will proceed merely by inspecting the relative 
positions of the appropriate half-reactions in the table. In many 
cases, however, the complete reaction in question will involve 
more’ than two half-reactions. Under such conditions a quantita- 
tive calculation of the equilibrium constant is necessary. In any 
event the extent to which a given reaction will proceed can only 
be determined by making a quantitative calculation involving the 
half-reaction constants. Value 

_ Equilibrium nT 

Half-Reaction Expression PA W « T1 wr 


2. Rb Rb+ 


3. K K+ 


4. Sr Sr++ 


5. Ba Ba++ 


6. Ca Ca++ 


7. Na Na+ 


8. Mg Mg++ 


9. A1 Al^ 


10. Mn Mn++ 


-CN0--t-H 2 0 


(Li + ) 

Li 

(Rb + ) 

Rb 

(K+) 

K 

(Sr++)* 

Sr* 

(Ba++)* 

Ba* 

(Ca ++ )^ 

Ca* 

(Na+) 

Na 

(Mg++)* 

Mg* 

(A1+++)* 

Al* 

(Mn ++ )^ 

Mn% 

rr r, (CNO~)*H«0* 


Value 

OF 

Constant 


(CN-)i(OH-) 


10 50.0 

)\ t 



1Q49.6 





1 ' ff [ 

1Q49.5 


1Q49.S 

' :i 

10 49 1 


10 48 - 7 


10 46 ° 


1 0 4°.6 


'V At 


r\ 

10 2SS 

: , h 

1Q1S.6 



■ 


11. CN- + 20H- 


10 16 - 4 
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Half-Reaction 

12. Zn Zn++ 

Equilibrium 

Expression 

(Zn++)i 

Zn* 

Value 

of 

Constant 

10 12 - 8 

13. H 2 Te- 

Te + 2H+ 

TeH H+) 
(H 2 Te)4 

10 11 - 8 

14. Cr 

-Cr++ 

( Cr ++)i 

Cri 

10 10 - 2 

1 K Q 

Q 

S* 

1Q8.6 

10. D 

— ^ 

(S— )» 

16. H 2 Se - 

— Se + 2H+ 

SeH H+) 

(H 2 Se)“ 

lQ8-5 

17. Ga — 

-Ga+++ 

(Ga+++)i 

Go* 

1QS.5 

18. Fe — 

-Fe++ 

(Fe++)i 

Fei 

10 7 - 4 

19. Cr++- 

Cr+-H- 

(Cr+++) 

(Cr++) 

1Q6.S 

20. Cd — 

-Cd++ 

(Cd+U 1 ' 

10 6 - 7 

21. In 

-In+++ 

(In+++)3 

Ini 

1Q6-4 

22. Ti++- 

Ti+++ 

(Ti +++ ) 

(Ti++) 

1Q6.3 

23. T1 

-T1+ 

(T1+) 

Tl 

10 5 - 7 

24. P + 4H 2 0 HsP0 4 + 5H+ 

(H 3 P0 4 )i(H+) 
P iH 2 0* 

10 51 

25. Co(CN) 6 Co(CN) 6 - 

__ (Co(CN) 6 — 

(Co(CN) 6 

1 10 6 - 1 

26. Co — 

-Co++ 

(Co++) 2 

Coi 

1Q4.9 
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„ Value 

TT „ Equilibrium __ 

Half-Reaction Expression Constant 

(Ni++)* in37 

27. Ni Ni++ N J lO 3 ' 7 

0 "WT j L_ T T 4 . 4 . 4 - 


(V +++ ) 

10 3 - 4 

28. V ++ V 


(V++) 

29. CujO + 20H- - 

— 2 CuO + H 2 0 

CuOH 2 Oi 

Cv£P, (OH-) 

1Q2.5 

30. Sn Sn++ 


(Sn ++) 4 

Sn 4 

10- 

31. Pb Pb++ 


(Pb++)I 

Pb* 

10 2 -° 

32. 9 OH- + NH 3 - 

— N0 3 - + 6H 2 0 

(N0 3 -) 4 H 2 O s 

(OH-)*(NH»)* 

1 0 2.0 

33. 2Hg + 21- 

- Hg 2 I 2 

PgJp 

m I-) 

100.7 

34. H, 2H+ 


(H+) 

(H 2 )" 

10° 

35. 20H- + NOr - 

NO 3 + H 2 0 

(no 3 -)Quo 4 

(N0 2 -) 4 (0H~) 

10° 

36. HCN + H 2 0 - 

— HCNO + 2H+ 

(HCNO) 4 (H+) 

(HCN)*ff 2 0* 

10° 

37. Sb + 3H 2 0 — 

- H 3 Sb0 3 + 3H+ 

ESbO ,i(H+) 
Sb*H 2 0 

10° 

38. W + 3H 2 0 — 

-W0 3 + 6H+ 

WOzH H+) 

w*h 2 o? 

10° 

39. WO+++ + 2H 2 0 WOs + 4H+ 

IF0 3 (H+) 4 

10° 

(WO +++ )IhO~ 

40. Ti +++ + H 2 O - 

TiO ++ + 2H+ 

(TiO ++ ) (H + ) 2 
(Ti +++)H 2 0 

10-°.7 

41. 2Hg + 2Br~- 

— Hg 2 Br 2 

HgtBr-s 

Hg( Br-j 

10-2.2 
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Half-Reaction 

42. Sn++ Sn++++ 

43. H«0 + H 2 S0 3 S0 4 — + 4H+ 

44. Cu + Cu++ 

45. H 2 S S + 2H+ 


46. Bi Bi+++ 


47. 2Ta + 5H 2 0 Ta*>0 5 + 10H+ 


48. As + 3H 2 0 IIjAsOs + 3H+ 


49. Mo + 3H 2 0 Mo0 3 + 6H+ 


50. 2Hg + 2C1- Hg 2 Cl 2 


51. V + HjO VO++ + 2H+ 


52. Cu Cu ++ 


63. V+++ + H 2 0 VO++ + 2H+ 


54. 40H- 0 2 + 2H 2 0 


55. U ++++ +2H 2 0 U02++4-4H+ 


56. S + 3H s O HsSQs + 4H+ 


Equilibrium 

Expression 

(Sn ++++ )^ 
(Sn++)i 
(SOr-)i(H+)« 
H 2 0i(H 2 SOs)* 

(Cu++) 

(Cu+) 

S*(H+) 

(H 2 S)^ 

(Bi +++ )*' 

Bi s 

TaeOfiCB . + ) 

Ta^I-hO i 

mAsql^) 

As^H/3 

MoOjCB+) 

Hg£l$ 

Hg( Cl") 

(VO++)i(H+)* 

yiH 2 Oi 

(Cu -1 " 1- )^ 

Cu* 

(VO++)(H+) 2 

(V+++)H 2 0 

(0 2 )lff 2 0i 

(OH - ) 

(UQ 2 ++ ) i (H+) 2 
(U ++++ ) ® H 2 O 
(H 2 SQ 3 )*(H+) 

S k *H 2 Oi 


Value 

OF 

Constant 


10- 


10 " 


10 - 


10 - 


10-3. 4 


10 - 


10 - 4.1 


10 -4 ' 


10 -4e 


10 - 


10 - 


10~«.s 


10-6.S 


10 - 6 - 


IO-8.0 
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Half-Reaction 


Equilibrium 

Expression 


Value 

of 

Constant 


57. Fe(CN) 6 


•Fe(CN) 6 - 


(Fe(CN)e ) 
(Fe(CN) 6 ) 


1Q~ 8 


58. 


H^0.+H,0— H.ASO.+2H- 10- 


-Ni0 2 -2H 2 0 


59. Ni(0H) 2 +20H- 

60. MoO +++ + 2H 2 0 MoOs+4H + 

61. Cu Cu+ 

62. 2D I 2 

63. 3D Is” 


64. Hg 2 Cl 2 + 2C1 2HgCl 2 

65. M 11 O 4 — MnOr 

66. H 2 0 2 O2 + 2 H+ 


HsAsO^HtO 
NiOo • 2H 2 Qi 
Ni(OH) 2 H OH") 
Mo0 3 (H+) 4 
(MoO++ + )H/J~ 
(Cu+) 

Cu 

lj_ 

(I-) 

(Is-)* 

(I -) 1 

(HgCla) 


67. Mn0 2 +40H- Mn0 4 +2H 2 0 

68. Fe++ Fe +++ 

69. Se + 3H 2 0 - 


10 -8.3 

10-8.5 

10-8.6 

IQ-9- 1 

10-9.1 

10-icw 

10-U.2 

10-U.5 

l 0 -!2.0 

10-12.5 


70. 2Hg Hg 2 ++ 

71. Ag Ag+ 


Hg 2 CkH C1-) 

(M 11 O 4 -) 

(Mn0 4 — ) 

(0>)»(H+) 

(H 2 0 2 )4 

(MnQrUjggO 
MnOX OH-) 2 
(Fe+++) 

(Fe++) 

HjSeOs + 4H* 10- 

Se*l? 2 0 

(Hg 2 ++)* 

Hg 

( Ag + ) 

Ag 

(Hg++)* 

Hgi 


10 - 13.5 

10-13.6 


72. Hg Hg++ 


10-U.6 
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Half-Reaction 

Equilibrium 
Expression q onstant 

88. 2 H 2 O 0 2 + 4H+ 

(0 2 )i(H+) 

IhOi 

io - 20 - 8 

89. Cr++++4H 2 0 — 

-HCr0 4 -+7H+ 

(HCr0 4 -) 4 (H+) f 

(Cr+++)1 f/ 2 0^' 

lQ-22.0 

90. 2Cr +++ +7H 2 0 — 

-Cr 2 0 7 — +14H+ 

(Cr 2 0 7 — )*(H+)V 
(Cr +++)iH 2 Oi 

lQ-22.0 

91. Br“ + H 2 0 

HBrO + H+ 

(HBrO)s(H+)^ 
(Br -)*# 2 0* 

10-22.6 

92. Mn ++ + 2H 2 0 — 

— Mn0 2 + 4H+ 

MnOs(. H+) 2 
(Mn ++ )5R 2 0 

10-22.6 

93. Cl- + 4H 2 0 

- ClOr + 8H+ 

(C10 4 -)"(H + ) 

(C1-)*£T*0* 

10-22.9 

94. 2C1- Cl 2 


(Cl 2 ) f 

(C1-) 

10-23.0 

05. 2Au + 3H 2 0 — 

— Au 2 Os + 6H+ 

Au 2 03 ^(H + ) 

Au* H 2 0^ 

10-23.1 

96. I- + 4H 2 0 

■ IO 4 - + 8H+ 

(I0 4 -)*(H+) 

(I ~)$H 2 0* 

10-23. 7 

97. Br- + 3H 2 0 — 

- Br0 3 - + 6H+ 

(BrO,-)*(H+) 
(Br") ii? 2 Oi 

10-24- 1 

98. Cl- + 3H 2 0 — 

— CIO 3 - + 6H + 

(C10»-)*(H+) 

(Cl-)*fftO* 

10-24.6 

99. Cl- + H 2 0 

-HCIO + H+ 

(HC10)*(H+)* 
(Cl -)^H 2 0^ 

10-25.4 

100. Mn ++ Mn +++ 

« (Mn +++ ) 
(Mn++) 

10-25.4 

101. Au Au + 


(Au+) 

Au 

10-25.4 

102. 2S0 4 — + 2H+ 

H 2 S 2 O s 

(S0 4 — )(H+) 

10 - 25.4 
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Half-Reaction 

103. Mn++ + 4H 2 0 MnOr + 8H+ 

104. Mn0 2 + 2H 2 0 


- Mn0 4 ~ + 4H+ 
-FeO«~ + 8H+ 
-HBi0 3 + 5H+ 


105. Fe +++ + 4H 2 0 

106. Bi+++ + 6H 2 0 

107. 2H 2 0 H 2 0 2 + 2H+ 

108. Co ++ Co +++ 

109. Ni+++4H 2 0 Ni0 2 • 2H»0 + 4H+ 


Value 

Equilibrium of 
Expression Con- 
stant 

(MnQ 4 -) l (H+)^ 
(Mn++)iff 2 Os 

(MnQ 4 -)*(H+)* 
MnO^HzO* 

(Fe0 4 )^(H+)' 


io- 


io- 


110. Oo + H.o — 

111. 2F- F 2 


• 0 3 + 2H+ 


(Fe +++ )^ HzO* 

HBiOX H+)* 
(Bi +++)iH 2 0 3 
(H 2 0 2 )*(H+) 

HiO 

(Co+++) 

(Co++) 

A^0 2 -2F#(H+) 2 

(Ni++)^H 2 0 2 

(Q»)»(H+) 

(O 

(F«)» 

(F-) 


10 - 28.8 

10 - 28.8 

10-30.2 

10 -3°.5 

10 -30.5 

1Q-32.2 

1Q-47.5 


EXAMPLES TO ILLUSTRATE USE OF TABLE 14 
Example 1. 

Is it possible for hydrochloric acid to dissolve copper to form 
hydrogen gas and cupric ion? We know from experience that it 
is not. While a qualitative examination of the relative positions 
of the couples in the table will give us this information, we may 
confirm this fact and observation by a calculation which uses the 
values given in the table for the equilibrium involved. The 
equation for this reaction is 

Cu + 2H+ = Cu++ + H 2 (42) 

The corresponding equilibrium expression is 
(Cu ++ ) (H 2 ) 


Cu( H+) 2 


= Z e , 


(43) 
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From the table we find that has a value of If)- 6 ' 8 and 

(Ha )! the value of 10° or 1. Combining these two half-reaction 

(H + ) 

expressions, we obtain 

( Cu ++)» Qgf. = 10 _ 5 . 8 x 10 „ = 10 ^.8 (44) 

Cu * ( H+ ) 

Squaring both sides of equation (44) we obtain equation (45) with 
a numerical value for the constant of 10~ u - 6 . Then omitting Cu, 
since it is in the solid phase, we obtain 

(Cu ++ ) (Ha) io-u-s (45) 

(H+) 2 iV ' eq v 


The small value of this constant indicates that this reaction 
will not proceed from left to right to any appreciable extent. . If 
the value of any equilibrium constant were 1, then the reaction 
would proceed about halfway toward completion before equi- 
librium would be reached. At this point the concentrations of the 
products would be of the same order of magnitude as the con- 
centrations of the reactants. If the constant were greater than 1, 
the concentrations of the products must exceed those of the re- 
actants at equilibrium and therefore the reaction would proceed 
to a greater extent to the right. When the value of the constant 
is less than 1, the concentrations of the reactants exceed those 
of the products at equilibrium. Any reaction proceeds to a lesser 
extent from left to right, the smaller the value of the constant. 
The small value of the constant (lO" 11 - 6 ) for the equilibrium con- 
sidered in Example 1 indicates that the reaction proceeds to the 
right only to an inappreciable extent. We may then conclude 
that the reaction has a pronounced tendency to proceed from 
right to left. In other words, it should be possible to precipitate 
copper from solutions of its salts by merely passing hydrogen gas 
into the solution. However, this reaction does not take place 
at ordinary temperatures because its speed is too slow. It should 
be possible to affect this change by means of a catalyst. This is 
not feasible with a contact catalyst since its surface would im- 
mediately become covered with metallic copper, rendering it in- 
active. But by increasing the temperature to 150° C the velocity 
of the reaction is increased sufficiently to bring about the reduction 
of cupric ion to free copper by hydrogen. 
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Example 2. 

Let us determine whether it is possible for metallic copper to 
dissolve in nitric acid solution to form cupric ion and nitric oxide. 
The equation for the reaction is 

3Cu + 2NO s - + 8H+ «= 3Cu++ + 2NO + 4H 2 0 (46) 

Consequently, 

(Cu++) 3 (N0) s F 2 0‘ _ (Cu ++) 3 (NO) 2 _ K , ay> 

Cu*(NO,-)*(H+) 8 = (N0 3 ~) 2 (H + ) s Aeq 
In equation (47) the equilibrium expression is written in two 
forms. In the first, solid Cu and HzO are included but it is to be 
understood that they have no significance and are to be dis- 
regarded in that the concentration of H 2 0 does not change appre- 
ciably. They may be regarded as always being equal to 1 if they 
are not eliminated from the expression finally obtained. 

(Cu ++ )i 

The value for the half-reaction -- ^ r - is 10-®- 8 , for one electron 

change (see #52 of Table 14). For a change of two electrons the 
value is 10 -11 - 6 , which when raised to the third power becomes 
10-34.8 or approximately 10 -35 . The value for the half-reaction 

constant tor » that to, (N0| _ )i(H+) , (the averse 

of #79 of the table) raised to the sixth power, 


• is 10~®- 8 , for one electron 


(N0) 2 H 2 O 

(N0 3 -) 2 (H+) 8 


( 10 IC ) 6 = 10 96 


Therefore 

(Cu++) 3 m)W _ (Cu++) 3 (NO) 2 = 35 = , a 

X (N0 3 -) 2 (H+) 8 (N0 3 -) 3 (H+) 8 ^ ; 

With such a high positive value as 10 61 it is evident that the 
reaction will take place. Experiment verifies this conclusion. 

Example 3. 

Is it possible for nitric acid to react with metallic zinc with the 
formation of zinc and ammonium ions? The balanced and com- 
pleted equation for the reaction is 

4Zn + N0 3 - + 10H+ - 4Zn++ + NH 4 + + 3H 2 0 (49) 

The equilibrium expression is 


(Zn++) 4 (NH 4+)ff J 0 8 

Zn 4 X (N0 3 -)(H+) 10 


(Zn++) 4 (NH 4 +) 

(N0 3 -)(H+) 10 
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The value for for a two electron change taken to the fourth 

power is (10 12 - 8 ) 8 or 10 102 (see #12 of Table 14), while the value for 

the half-reaction, is ( 1015 ' ! ) 8 wMch is ec l ual to 1Qm 

(-“76 of Table 14). Therefore the value for the equilibrium con- 
stant of equation (49) is 10 102 X 10 122 = 10 s24 . This value is so 
much greater than unity that the reaction readily proceeds and 
the equilibrium position is practically completely to the right. 
This does not mean that the ammonium ion is the only possible 
product. Calculation would show that other compounds with 
different valence states of nitrogen, such as NO and N0 2 can be 
formed by the action of nitric acid on zinc. Which of the nitrogen 
compounds are formed to the largest extent will depend upon 
the relative speeds of the different reactions involved. 

Making the same calculation but using copper instead of zinc 
we find that the reaction which produces cupric and ammonium 
ions is likewise possible but the tendency for the reaction to pro- 
ceed is not as great. The fact that ammonium ion is not found 
to a large extent when copper reacts with nitric acid must be at- 
tributed to the slow speed of this reaction as compared with the 
speed of those reactions which produce nitric oxide and nitrogen 
dioxide. 

Exam-pie 4~ 

Table 14 may also be used in conjunction with the solubility 
product constants and with the ionization constants of weak acids 
and weak bases. Examples 4 and 5 are designed to illustrate the 
use of this application. 

Is it possible for nitric acid to dissolve an appreciable amount 
of cupric sulfide with the formation of nitric oxide, cupric ion and 
free sulfur? The equation for the reaction is 

3CuS + 2NOr + 8H+ = 3S + 3Cu++ + 2NO + 4H 2 0 (51) 

Therefore 

(Cu ++ )*(N O) 2 HiO* S* _ r ^ 

CwS 3 (N0 3 ~) 2 (H+) 8 eq V ' 

Since solid CuS is involved we must use the solubility product 

expression for CuS which is (Cu. ++ )(S ) or vryw -• This 
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demands that a (S ) 3 appear in the numerator. Likewise, it is 

g 

necessary to use the half-reaction expression which in turn 

demands a (S ) 3 in the denominator. To satisfy both these con- 
ditions multiply both numerator and denominator by (S ) 3 . 


(Cu ++ ) 3 (S ) 3 


X 


S 3 


X 


(NO) 2 iUO 4 


AC, 


(53) 


CuS 3 " (S— ) 3 " (N0 3 ~) 2 (H+) 8 

Equation (51) involves a six electron change and the expressions 
(52) and (53) are likewise for a six electron change. Therefore all 
half-reaction constants must be raised to the sixth power. The 
solubility product constant for CuS is 10 -37,5 (see Table 39 in the 
Appendix). 

(Cu ++ ) 3 (S ) 3 


CuS 3 


S 3 


(s-y 

( NOyHzO* 

(N0 3 -) 2 (H+) 8 

(Cu++) 3 (S— ) 3 S 3 (NO y-HzO* 

CuS 3 '(S— ) 3 '(N0 3 -) 2 (H+) 8 

Omitting all solid phases and H 2 0, we have 
(NO) 2 (Cu++) 3 


= ( 10- 37 - 6 ) 3 = 10- 113 
= (10 8 - 6 ) 6 = 10 52 (#15 of Table 14) 

= (10 16 ) 6 = 10 96 (#79 of Table 14) 

= 10- U3 X10 52 X10 96 = 10 35 (54) 


(N0 3 -) 2 (H+)* 


= 10 36 


Consequently this reaction can proceed in accordance with equa- 
tion (51). Experience in the laboratory verifies this conclusion. 

Carrying out a similar calculation using mercuric sulfide instead 
of cupric sulfide we find that this substance has a relatively small 
tendency to be dissolved by nitric acid. 


Example 5. 

Is it possible for a solution containing 0.1 mole of acetic acid 
and 0.1 mole of sodium nitrate per liter to dissolve cadmium sulfide 
appreciably? The equation for the reaction is 

3CdS + 2NO s - + 8H Ac = 3Cd++ + 3S + 2NO + 8Ac~ + 4H 2 0 (55) 
and the corresponding equilibrium expression, 
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Multiplying the numerator and the denominator of this expression 
by (S — ) 3 X (H+) 8 , we obtain 

(Cd++) 3 (S— ) 3 <S 3 (NO ) 2 F 2 0 4 (H+) 8 (Ac - ) 8 _ ^ 

CdS* (S— ) 3 ' (N0 3 ~) 2 (H+) 8 ' (HAc) 8 l U 

^ 4+ /-2'5T — — = (10 -28 ) 3 = 10 -84 (from solubility product 

constant) 

= ( 1016)6 = 1 Q 66 (#79 of Table 14) 


S 3 


(S — ) 3 


( 108 . 6)6 = loss (#15 of Table 14) 


(H + ) (Ac_)_ _ (iq— 4 . 7)8 — 10-37 (f r om the ionization con- 
(HAc) 8 stant for acetic acid) 

The value of the above expression then becomes 
10" 84 X 10 96 X 10 52 X IQ" 37 or 10 27 

Therefore . 10 » I, , he (NOr) and (HAc) 

were each 0.1 mole (i.e., 10 _1 mole) per liter, the denominator be- 
comes 10“ 10 and the numerator then has a value of 10 17 . If the 
(Ac - ) should reach a value of 0.1 mole per liter as a maximum and 
the (NO) a pressure of one atmosphere (since it is a gas), (Cd ++ ) 3 
would be 10 17 /10 -8 or 10 25 at equilibrium. Therefore cadmium 
sulfide would readily dissolve in this solution to form free sulfur 
and cadmium ion provided, of course, that the rate of the reaction 
is sufficiently great. The values given above merely show that 
such a reaction is possible and that there is a pronounced tendency 
for it to take place, but they give no information concerning the 
speed of the reaction. 

Carrying out a similar calculation using cupric sulfide instead 
of cadmium sulfide, we find that the above solution will not 
dissolve the cupric sulfide appreciably. 

Restrictions in the Interpretation of Results of Calcula- 
tions. The calculations made from the foregoing table only 
show what the equilibrium will be when it is attained, but 
they do not indicate in any way that the equilibrium will be 
attained in a reasonable period of time. The time necessary 
to reach equilibrium will depend upon the speed of the re- 
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action. The velocity of a reaction is a factor which is in- 
dependent of the equilibrium. If, however, calculation 
shows that a reaction cannot take place because of equi- 
librium restrictions, then the velocity of the reaction does 
not become a consideration, for no reaction can proceed 
beyond its equilibrium value. In other words, calculations 
from Table 14 show definitely when a reaction does not take 
place to any appreciable extent and show which reactions 
will take place only if the velocity is great enough. 

Often several different products can be formed from the 
same reactants. For example, zinc reacting with nitric 
acid produces NO, NO a or NEL+ ion. The relative amounts 
of these substances formed will depend upon the relative 
velocities of the respective reactions involved. 

Do Reactions Take Place Completely? If a reaction 
takes place completely its equilibrium constant must be 
equal to infinity. Strictly speaking, no reaction goes to 
completion but many reactions have such large values for 
their equilibrium constants that for all practical purposes 
we may regard them as complete. For example, the reaction 

5H 2 S + 2Mn()r + 6H+ = 2Mn++ + 5S + SH..0 (58) 
has an equilibrium constant equal to 10 234 . Such a large 
value of this constant is practically equivalent to complete 
reaction. Likewise, the equilibrium constant for the re- 
action 

3H 2 S + Cr 2 0 7 — + 8H+ = 2Cr+++ + 3S + 7H 2 0 (59) 
is 10 118 . It is not entirely meaningless to use such large 
numerical values. These two values show that Mn0 4 ~ ion, 
in the presence of H+ ion, is a better oxidizing agent than 
is O2O7 — ion in the same medium, and that it is even 
possible for Mn0 4 “ ion with H+ ion to oxidize Cr +++ ion to 
Cr 2 0 7 — ion. 

PROBLEMS AND EXERCISES 

I. Complete and balance the following equations. 

(The column on the right indicates the type of solution in 
which the reaction takes place. H+ or OH - may appear on either 
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side of the equation and when neither is necessary the solution is 
designated as “neutral.”) 

Reaction Solution 

1. MnOr + Fe++ = Mn++ + Fe +++ H+ 

2. Mn0 4 ~ + Sn ++ = Sn ++++ + Mn++ H+ 

3. Cr 2 0 7 — + Fe++ = Fe+++ + Cr++ + H + 

4. Cr 2 0 7 — + Sn++ = Sn ++++ 4- Cr++ + H+ 

5. CrO* — + HSn0 2 _ = HSn0 3 _ + Cr0 2 “ OH“ 

6. H 2 S + L = S + I- H+ 

7. S»Os— + I, = 8*0,“ + I" “neutral” 

8. NOr + Cu = Cu++ + NO H+ 

9. S0*“ + Cu = Cu++ + S0 2 H+ 

10 . NO 3 - + Zn = Zn++ + NH 4 + h+ 

11. H 2 S0 3 + Fe +++ = Fe++ + S0 4 H+ 

12. Cr0 2 - + CIO- = Cl- + CrO*— OH- 

13. M 11 O 4 - + H 2 C 2 O 4 = C0 2 + Mn++ H + 

14. H 2 S0 3 + I 2 = SO«“ + I - H+ 

15. Ce0 2 + Cl- = Ce+++ + Cl 2 H+ 

16. H 3 As0 4 + I" = H 3 As0 3 + I 2 H+ 

17. 0 2 + H 2 0 + I- = I 2 oh 

18 CH 2 0 + Ag 2 0 = Ag + HC0 2 - OH 

19. CH 2 0 + Ag(NH 3 ) 2 + = Ag + HC0 2 - + NH 3 OH 

20. N0 3 “ + Cu = Cu++ + N0 2 H+ 

21. NO 3 - + Ag = Ag+ + N0 2 H+ 

22. NO," + Ag = Ag+ + NO H+ 

23. NO s - + Fe ++ = Fe+++ + NO H+ 

24. NOs" + Zn = Zn++ + N 2 H+ 

25. NO 3 — + H 2 S = S + N0 2 H+ 

26. Ba0 2 + Cl - = Cl 2 + Ba ++ H + 

27. Mn0 4 - + Br~ = Br 2 + Mn0 2 H + 

28. S0 4 + I~ = I 2 + H 2 S H+ 

29. Cu++ + I- = I 2 + Cu+ “neutral” 

30. CIO- + Mn(OH) 2 = Mn0 2 + Cl" “neutral” 

31. Cl 2 = ClOr + Cl- OH 

32. Fe +++ + H 2 S = Fe 4-1- + S H + 

33. N0 3 - + Fe = Fe +++ + NO H+ 

34. CIO- = CIO 3 - + Cl- “neutral” 

35. Pb0 2 + Pb + SO*-- = PbS0 4 H+ 

36. CN- + MnO*— = CNO" + MnO, OH 
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Reaction 

37. CN- + Fe(CN)«— “ = CNO~ + Fe(CN) 6 

38. C 2 H 4 0 + N0 3 - = NO + C,H 4 0 2 

39. NOr + Cl" = NOC1 + Cl 2 

40. CJHsOCl + Cr 2 0 7 = Cr+++ + C0 2 + Cl“ 

41. CHC1 3 + MnOr = Cl 2 + C0 2 + Mn++ 

42. Fe 3 0 4 + MnOr = Fe^ 4 - + Mn++ 

43. SnS + S 2 — = SnS 3 

44. As 2 S 3 + S 2 — AsS 4 -b S 

45. Cu ++ + CN - = Cu(CN ) 3 + (CN), 

46. Hg 2 Cl 2 + NHs = Hg(NH 2 ) Cl + Hg + NH 4 + + Cl~ 

47. Ag + + AsH 3 = Ag + H 3 As0 3 

48. Cr0 2 _ "1" H 2 0 2 = Cr0 4 

49. Sn ++ + H 2 0 2 = Sn ++++ 


Solution 

OH- 

H+ 

H+ 

H+ 

H+ 

H+ 

“ neutral” 
“neutral” 
“neutral” 
“neutral” 
H+ 
OH- 
H+ 


II. Calculate the equilibrium constant for each of the following 
oxidation-reduction reactions. In each case determine whether it 
is possible for the reaction to proceed from left to right to any 
appreciable extent. 


Equation for Reaction 

1. 2Fe+++ + H 2 S0 3 + H 2 0 = SO«— + 2Fe++ + 4H+ 

2. 2H«S + H 2 S0 3 = 3S + 3H 2 0 

3. 3C1- + 2NOr + 5H+ = 3HC10 + 2NO + H 2 0 

4. 3Mn0 4 — + 2H 2 0 = MnO. + 2Mn0 4 ~ + 40H~ 

5. 6Ag + ClOr + 5C1~ + 6H+ = 6AgCl + 3H 2 0 

6. 2Cr +++ + 6Co+++ + 7H 2 0 = Cr 2 0 7 — + 6Co++ + 14H+ 

7. 3ZnS + 2NOr + 8H+ = 3Zn++ + 3S + 2NO + 4H 2 0 

8. 4ZnS + NOa" + 10H+ = 4Zn++ + 4S + NH 4 + + 3H 2 0 

9. CdS + S0 4 + 4H + = Cd ++ + S + H 2 S0 3 + H 2 0 

10. Br- + Mn0 2 + 3H+ = HBrO + Mn++ + H 2 0 

11. CuS + S0 4 — + 4H + = Cu++ + S + H 2 S0 3 + H 2 0 

12. Cu + 2HNO» + 2H+ = Cu++ + 2NO + 2H 2 0 


Ref. Nos. 
in 

Table 14* 
43, 68 


45, 

79, 

65, 

71, 


56 

99 

67 

98 


90, 108 
15, 79 


15, 

15, 

91, 

15, 

52, 


76 

43 

92 

43 

81 


13. PbS + 4H 2 0 2 = PbS0 4 + 4H 2 0 


15, 43, 56, 107 


* In addition to the half-reaction constants, the solubility product constants 
for slightly soluble substances are also required for several of these calculations. 
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III. Is it possible for metallic tin to be dissolved appreciably 
by nitric acid to produce Sn++ ion and NH 4 + ion? 

IV. Is it possible for mercuric sulfide to be dissolved appreciably 
by nitric acid with the production of Hg" 1-1 " ion, NO and free 

sulfur? _ 

V. A solution is 0.1 molar with respect to each of CrsCb , H + 
and Cl" ions. Can a reaction proceed to an appreciable extent in 
this solution to form free chlorine and Cr +++ ion? 

VI. Can silver sulfide be dissolved to any appreciable extent 
by concentrated nitric acid with the formation of Ag+ ion, free 
sulfur and nitric oxide? 

VII. Can cupric sulfide be dissolved to any appreciable extent 
by a solution containing hydrogen peroxide and hydrochloric acid 
to form Cu ++ ion, free sulfur and water? 





CHAPTER X 

LABORATORY TECHNIQUES 

Before undertaking any work in the laboratory it will be 
necessary for the student to construct a few simple pieces of 
apparatus and to become acquainted with laboratory manip- 
ulations. This section deals with this introductory work. 
As his work in the course develops, the student will find it 
profitable to refer to this section for information when new 
problems of technique arise. 

APPARATUS TO BE CONSTRUCTED AND ASSEMBLED 

Wash-Bottle. Figure 24 shows a sketch of a wash-bottle. 
Obtain a 250 ml. flask of the type shown in the sketch and 
fit it with a two-hole rubber stopper. The pieces to be in- 
serted into the stopper are constructed in the following way. 
The nozzle is made by drawing out a piece of 6 mm. glass 
tubing after it has been heated in the flame of a Bunsen 
burner to the softening point. After it has cooled scratch 
it with a file to allow the tube to be broken at the proper 
place. To bend a glass tube rotate it in a horizontal po- 
sition in the flame of a burner equipped with a wing-top. 
Continue the heating with rotation of the tube until the 
glass is soft enough to bend without kinking. This pro- 
cedure necessitates the heating of at least a two-inch portion 
of the g lass tubing. Heat very slowly to allow a uniform 
distribution of the heat. The angles of bending of the two 
pieces should be such that the upper end of the exit tube, 
which connects with the nozzle, is parallel with the upper 
end of the delivery tube. The ends of all tubes should be 
heated just to the softening point (fire-polishing) to remove 
all sharp edges. After they have cooled they should be 
lubricated with water, saliva, or preferably alcohol, and 
then inserted in the rubber stopper. Be careful! Hold the 
tube in a towel to protect the hand in case the glass tube 
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should break. Grasp the tube near the end that is to be in- 
serted into the stopper. Push the tube through the hole 
until it protrudes about two inches. Then grasp the pro- 
truding end of the tube and pull 
it into position. The moistened 
surface of glass allows this opera- 
tion to be carried out with greater 
ease and safety. Finally assemble 
the apparatus and introduce about 
100 ml. of water. Test the wash- 
bottle for leaks by blowing into the 
inlet tube, observing whether the 
column of water maintains its posi- 
tion in the outlet tube when the 
finger is placed over the end of the 
mouthpiece. When full pressure is 
applied the nozzle should deliver a 
fine, even, unscattered stream of 
water. 

Figure 24. Stirring Rods. It is convenient 

to have at hand several glass stirring rods, each 4-6 mm. 
in diameter and approximately 15 cm. in length. Obtain 
glass rods from the storeroom and cut them to the proper 
length. Fire-polish each end of rod in the flame. 

Capillary Syringes. Two types of medicine droppers are 
needed in the course; one for adding reagent solutions on a 
small scale and a second type for washing small quantities of 
precipitates (see Figure 25 on facing page). The first type is 
the standard medicine dropper of approximately 1 ml. capac- 
ity (1 ml. capacity refers to that of the glass tube only) and 
which delivers about twenty drops per ml. For the second 
type (“ capillary syringe ”) it is necessary to draw out the tip 
of the ordinary dropper to a very small nozzle in a flame so as 
to obtain a fine stream of water when the bulb is subjected 
to pressure. To draw out the tip of the capillary, remove 
the rubber bulb and weld the end of the medicine dropper 
to a small piece of glass tubing or glass rod in the Bunsen 



APPARATUS TO BE CONSTRUCTED 277 

flame. This extra piece of tubing or rod acts as a handle in 
making the syringe. To pull out the end of the dropper, 
rotate it with both hands well above the luminous flame of 
the Bunsen burner. Allow it to just reach the softening 
point and then pull it out. Break the capillary at a point 
such that the orifice formed is very small. If it is too small 
the end may be broken off to obtain the desired opening. 
The tip should be so small that at least 
15 seconds are required to fill the syringe. 

Each student should have 6 medicine 
droppers, two of which should be con- 
verted into syringes. 

Apparatus for Saturation with H 2 S. 

This apparatus is depicted in Figure 26. 

The wash-bottle B may be a permanent 
piece of apparatus which remains con- 
nected to the H 2 S generator. In such a 
case the student need not construct it. 1 J \j 

If it is to be constructed use a bottle of j j 

about 200-300 ml. capacity. The flask D u 
is a 25 ml. Erlenmeyer flask. The instruc- 
tions for bending the glass tubing are 
given in the description of the assembly 
of the wash-bottle. 

To saturate a solution contained in a 
test tube use the tube illustrated in Fig- Figure 25. Drop- 
ure 27. The rubber stopper should fit a g^jnge Capillary 
10 ml. test tube and is meant to slide along 
the tube to the proper distance from the end. The stopper 
is provided to cap the test tube after the air has been 
displaced thus preventing excessive escape of the H 2 S. 
This apparatus should be connected to the wash-bottle at C 
(Figure 26). 

GENERAL MANIPULATIVE PROCEDURES 

Precipitation. Whenever a reagent is added to a solution 
to bring about the precipitation of a desired compound con- 
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ditions most favorable for its complete precipitation and 
subsequent separation should be employed. In the first 
place an excess of the reagent must be used to insure com- 
pleteness of precipitation. Although in no instance may 
any given ion be completely removed from solution, never- 
theless its concentration in the solution after precipitation 
may be reduced to a negligible value. For example, suppose 
we have a solution containing .01 mole of Ag + ion per liter 
and a solution of NaCl is added to it to precipitate AgCL 
The problem is to remove the silver from the solution as 
completely as possible. When solid silver chloride is present 
in equilibrium with its ions in solution the following expres- 
sion must hold. 

(Ag + ) (Cl”) = X S .P. = 1.56 X lO" 10 

If the concentration of the Cl" ion is made .01 M, then the 
concentration of the Ag+ ion left in solution will be only 
1.56 x 10" 8 M, which value is so small as to be negligible. 
Under these conditions the precipitation is regarded as com- 
plete for the purpose of separation of Ag + ion from the 
remaining ions in the solution. On the other hand, if 
the concentration of the Cl" ion in the solution were only 
10" 7 M y then the concentration of the Ag + ion remaining in 
solution would be 1.56 X 10" 3 M ) which value is about 16% 
of the total amount of Ag + ion originally present. Under the 
latter conditions the precipitation is far from complete. It 
is apparent from the equilibrium expression given above 
that as the concentration of the Cl" ion in the solution is 
increased, the concentration of the Ag + ion is decreased by 
a corresponding amount. A reasonable amount of Cl" ion 
must be maintained in the solution to remove from it all but 
a negligible quantity of Ag + ion. On the other hand a very 
large excess of Cl" ion will bring about the formation of the 
complex, AgCl 2 “ ion, and thereby increase the solubility of 
AgCL Many ions form complexes of this type. In most 
cases an estimation can be made as to what is an adequate 
but not an excessive amount of reagent to be added. For 
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example, if a 0.1 M solution of any particular ion is ample, 
it is obviously undesirable to increase the concentration to 
1 M. All precipitations should be carried out with this point 
in mind. The directions given in the procedures which follow 
in this text are based upon a consideration of the optimum 
conditions for precipitation and should be adhered to closely. 
Nevertheless, the student should check the completeness of 
precipitation by adding a drop of the reagent to the filtrate 
collected in the separation of the precipitate. If the filtrate 
shows precipitation is incomplete, more of the reagent should 
be added, the solution again filtered or centrifuged and the 
second filtrate tested with the reagent. This procedure 
should be continued until the filtrate fails to give a pre- 
cipitate. 

There are other factors to be considered in precipitation 
procedures. Precipitation should be carried out in such a 
manner as to favor the formation of large crystals, the co- 
agulation of colloids, and the reduction of the adsorption of 
other ions. These conditions are favored by heating the 
solution and adding the reagent slowly with constant stir- 
ring. In certain cases, the hydrogen ion concentration must 
be adjusted so as to favor these conditions. In other cases, 
salts are added to the solution to prevent the formation of 
colloids. For this purpose the addition of solutions of am- 
monium salts or the addition of the solid salts themselves 
may be used conveniently. 

Saturation of a Solution with a Gas. Precipitation with 
Hydrogen Sulfide. In the precipitation of insoluble sul- 
fides by hydrogen sulfide either in acidic or basic solu- 
tions the apparatus shown in Figure 26 should be used. 
Hydrogen sulfide gas from a generator or from a gasometer 
(storage tank, if cylinders of liquid hydrogen sulfide are 
used) enters the apparatus at the point indicated in the 
sketch. A stopcock A controls the flow of the gas into the 
wash-bottle B which contains water. Wash-bottle B may 
be a permanent piece of apparatus which remains connected 
to the supply of hydrogen sulfide at all times. It serves to 
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remove any hydrochloric acid that might be carried over 
from the generator in the gas stream. It is in turn connected 
by means of soft rubber tubing C (longer than shown in 
figure) to the flask D (25 ml. capacity) which contains the 
unknown solution to be saturated with hydrogen sulfide. 
The inlet tube to D projects below the rubber stopper to a 
point which is about 2 cm. above the liquid to be saturated. 
After the solution has been placed in D the inlet tube is at- 
tached to C. Be sure that the inlet tube is clean. 

A 



Insert the inlet tube into the Erlenmeyer flask but do not 
stopper it tightly. Partly open the stop-cock A and allow 
the H 2 S to sweep out the air in D. This will require only a 
few seconds. With the gas flowing, stopper the flask D with 
the stopper of the inlet tube and shake or rotate D. Loosen 
the stopper in D to again sweep out the gas and stopper 
tightly. Again rotate or shake the flask. 

As shaking continues, the solution in D absorbs the hy- 
drogen sulfide, thereby causing the precipitation. Shaking 
should be continued until the bubbling of the gas through 
the water in B is almost completely retarded. At this point 
the solution in D should be saturated with hydrogen sulfide 
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and the precipitation of the sulfides should be complete. 
Only 2 to 3 minutes is required for saturation of the unknown 
solution, provided the flask D contains the normal amount 
of solution, 3 ml. To insure complete precipitation this pro- 
cedure should be repeated with the filtrate q 
until hydrogen sulfide fails to produce a 
precipitate. 

If the solution to be saturated is con- 
tained in a 10 ml. test tube use the tube 
illustrated in Figure 27. This procedure 
should only be used for small quantities 
of solution. The inlet tube should be 
very clean and may be inserted below the | | 

surface of the liquid. If prolonged satu- s “ 

ration is necessary stopper the test tube r -• 

with the stopper and saturate in a man- 
ner similar to that described above. 

Heating of Solutions. All solutions must 
be heated carefully to avoid bumping and - 

spattering. Not only will bumping cause 
a serious loss of the test solution but it \\ 

may often be dangerous. The spattering 
of hot solutions may give rise to painful Tube 

burns. These burns may be serious it the 
solution contains strong acids or hydroxides. 

All solutions contained in very small test tubes should be 
heated in a water bath or in a small beaker of boiling water. 
This procedure also applies to solutions contained in 10 ml. 
test tubes if these test tubes are more than one-third full. 
With the larger amounts of solution (more than 3 ml.) it is 
advisable to pour it into a casserole and to heat it in this 
container. The solution, reduced in volume, may be re- 
turned to the test tube if desired. 

Solutions contained in a 10 ml. test tube and occupying 
less than one-third the capacity of the tube may be heated 
directly by the flame of the Bunsen burner. Use a test tube 
holder in all cases of strong acids and always point the mouth 
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of the test tube away from yourself or any other person 
nearby. To carry out this operation bring the bottom of the 
test tube to the edge of the flame and after allowing it to 
remain there for about one second, withdraw it and gently 
shak e the test tube. Continue this procedure until the solu- 
tion is heated. This operation may also be carried out by 
repeatedly flicking the end of the test tube into the flame, 
i.e., by not allowing the test tube to remain in the flame for 
more than a fraction of a second at a time. The flicking 
operation also shakes the solution. Quickly withdraw the 
test tube from the flame completely as soon as there is any 
sign of boiling and then proceed very gently using only the 
edge of the flame. If the 10 ml. test tube contains only a 
very small amount of solution (not strongly acidic or alka- 
line) the test tube may be held with the fingers instead of 
the test tube holder. Practise this operation with varying 
amounts of water. 

Evaporation. The analytical procedures may specify 
evaporation of a solution to a definite volume or evapora- 
tion to dryness. In addition, it may be advisable at some 
points in the procedure to concentrate a solution by evapora- 
tion in order to have a smaller volume with which to deal, 
thereby saving time in subsequent filtrations and other ma- 
nipulations. A small casserole or porcelain evaporating dish 
is suitable for this operation. However, the container should 
be as small as possible for the amount of liquid prepared. 
For many purposes a water bath will suffice as a source of 
heat. When corrosive fumes are evolved during the process 
of evaporation, the hood should be used unless the quantity 
of material is very small. If evaporation does not take 
place rapidly on a water bath, an open flame may be used. 
For this purpose the liquid is placed in a small casserole 
which is then rotated horizontally in the flame. This motion 
allows the liquid to come in contact with the hot walls of the 
casserole, thereby facilitating evaporation. Too hot a flame 
must not be used, otherwise bumping and spattering will 
take place. 
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In heating to dryness remove the casserole or evaporating 
dish while there is still some liquid left. The heat capacity 
of the dish is sufficient to complete the operation without 
further heating. 

Testing Acidity or Alkalinity of Solutions. To test the 
acidity or alkalinity of a solution place a piece of litmus (or 
test) paper on the towel or paper on the desk, or on a watch 
glass, and then dip the end of a stirring rod into the solution 
and apply it to the paper. In this way several tests may be 
made with a single strip of paper. Sometimes it is possible 
to tear off a small fragment of the test paper and place it 
in the solution, but the former method is preferable. 

Cleaning Glassware. All reaction vessels should be thor- 
oughly clean before they are to be used. Small traces of 
contaminants in any test solution may give rise to spurious 
results. 

All apparatus should be cleaned as soon after use as pos- 
sible. Test tubes should be cleaned with a test tube brush. 
Use ground pumice or some cleaning powder if necessary. 
If these agents fail it may be advisable to use a strong con- 
centrated acid such as HNO3. (Do not use the test tube 
brush with acids.) Test tubes containing sulfur and some 
sulfides can be easily cleaned with a few drops of commercial 
ammonium sulfide or yellow ammonium sulfide. The test 
tubes should be rinsed with distilled water. The same pro- 
cedure applies to casseroles, evaporating dishes and beakers 
except that the test tube brush may be omitted. 

When medicine droppers or capillary syringes are used 
for solutions, they should be rinsed several times in a beaker 
containing distilled water immediately after use. They 
should then be placed in another beaker containing distilled 
water for storage. The beaker containing the wash water 
should be refilled with distilled water at frequent intervals. 

Flame Tests. Two wires should always be used for a 
flame test; one for the unknown solution and the other for 
a solution known to contain the ion in question at a con- 
centration of about that to be expected in the unknown. 
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Prepare two pieces of Chromel wire, both looped at the 
end and each inserted into a cork as a handle as shown 
in Figure 28. 

f Never rely upon memory to judge the character- 

istics of the flame. Alternately apply the two 
wires to the flame; one for the unknown and the 
other for the comparison solution. 

The nitrate and sulfate salts of the unknown 
do not give good flame tests. In the flame these 
break down into the corresponding oxides which 
do not volatilize readily. Therefore a drop or two 
of 6 M HC1 should be added to the solution (com- 
parison as well as unknown) or solid, on a watch 
glass, and the looped end of the wire should be 

■■ dipped into it. The loop should be small enough 
to retain a drop of the liquid within it. 

Do not use the hottest portion of the flame 
but rather bring the looped end containing the 
Figure 28. solution slowly up to its edge. Some flame colors 
Wire for last a relatively long time; some are very ephem- 
Flame Tests ^ disappearing quickly. Do not lay the wires 

on the table top. Use the towel or paper spread on the 
desk for this purpose. 

PROCEDURES WHEN CENTRIFUGATION OPERATIONS ARE USED 
The Centrifuge and Its Operation. There are two general 
types of centrifuges used for analytical purposes the hand- 
driven and the motor-driven types. The hand-driven are 
not recommended but may be used. 

The motor-driven centrifuge consists of the driving motor, 
a shaft, and an attached head, which is known as the rotor, 
in which the test tubes that are to be spun are placed. 
When the rotor is spinning a centrifugal force is developed 
which like gravity brings about the settling of the precipi- 
tate. The difference in the time required for settling and 
centrifugation lies in the fact that the centrifugal force is 
much greater than the gravitational force at the earth’s 


CENTRIFUGATION 285 

surface. There is a simple formula which relates the char- 
acteristics of the centrifuge to the force of gravity. 

Centrifugal force (number of times greater than gravity) = 
diameter (in feet) X (R.P.M.) 2 
_ - ^ 

R.P.M. refers to revolutions per minute. Thus if the centri- 
fuge operates at 1600 R.P.M. and the effective diameter is 
6 inches fi foot) the centrifugal force is equal to 

.5 X (1600 )^ = 210 times that of gravity. 

6000 


The rate of sedimentation or settling depends upon (1) the 
centrifugal force | (2) the size <>f t^^^cle ^ the larg^ the 

fling, and (4) the viscosity of 

the solution; the greater the M ' ' I 

viscosity the slower the settling. 

With these factors in mind it is wm 
easy to understand the follow- 

the salt, the greater is the sedi- Figure 2 g. Th e Centrifuge 
mentation rate. BaS0 4 is very (Courtesy Wilkens- Anderson Com- 
dense, as are the sulfides; hence, pany ’ Chicaso) 

they settle quickly if the particles are not too small. Sulfur 
has a much smaller density than a sulfide and for this reason 
it should be possible to separate sulfur from sulfides by con- 
trolling the speed of the rotor or the time of centrifugation. 

(b) The greater the concentration of the salts in the 
solution, the slower is the rate of sedimentation. The ad- 
dition of salts to a solution increases its density and decreases 
the difference in density between the precipitate and the 
solution; hence, the slower rate. 


Figure 29. The Centrifuge 

(Courtesy Wilkens-Anderson Com- 
pany, Chicago) 
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(c) The smaller the amount of solution in a test tube the 
faster the sedimentation. With a larger amount of solution 
more of the precipitate is nearer the center of rotation and 
therefore this portion of it is subjected to a smaller centrif- 
ugal force. 

(d) Colloids need much longer time for spinning. Due 
to the small size of the particles the sedimentation is slow. 

In operating the centrifuge always balance it symmetri- 
cally. See to it that approximately equal amounts of liquid 
are in the two opposite test tubes. An unbalanced centri- 
fuge vibrates and may become dangerous if it is subjected 
to this vibration continuously. The vibration wears the 
bearings supporting the rotor, usually identical with those 
of the motor. 

Do not usurp the centrifuge by spinning it an undue 
length of time. Two minutes time is usually ample, except 
for the finer and lighter precipitates. 

Before beginning a centrifugation see to it that particles 
are not floating on the surface of the liquid or are adhering 
to the side of the test tube. Surface tension effects prevent 
surface particles from settling. Agitate the surface with a 
stirring rod if necessary, and wash down the side of the test 
tube, using the capillary syringe and a very small amount 
of water or appropriate solution. 

Under no circumstances use test tubes with broken or 
cracked lips. When spinning in the centrifuge these broken 
ends which protrude above the surface of the rotor may 
cause serious injury to the operators. 

Do not attempt to retard the speed of the centrifuge with 
the hand until the electric current has been turned off and 
until the rotor has lost its full speed. Under no circum- 
stances brake the rotor with the hand if it does not have a 
smooth outside surface. 

If the centrifuge should become unduly hot, notify the 
instructor. Do not abuse the mechanism in any way. It 
should be well cared for at all times. Above all, do not let 
it come in direct contact with corrosive chemical reagents. 
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Test tubes should not be too full of liquid since spilling may 
corrode and produce an unbalanced rotor. 

Washing of Precipitates. Before the precipitate which 
has already been centrifuged is washed, it should be sepa- 
rated as completely as possible from the supernatant liquid. 
In pouring off the supernatant liquid a few drops are often 
held behind by the surface tension of the liquid. To remove 
these last drops tip the test tube upside down and drain the 
test tube with the aid of a piece of filter paper. Making 
contact between the liquid and the stirring rod often suffices 
to accomplish this end. It is important that these last drops 
be removed in as much as they may contain more dissolved 
salt than is held in the precipitate. 

Add the required amount of distilled water or wash solu- 
tion to the test tube containing the centrifuged precipitate 
and then with the aid of the stirring rod agitate the pre- 
cipitate until it is in suspension. Then centrifuge and pour 
off the wash water. In almost all cases this operation should 
be carried out at least twice. 

It sometimes happens that the removal of the ions in the 
solution by washing causes the precipitate to become dis- 
persed, i.e., to form a colloid, which then cannot be easily 
centrifuged. In such a case add some ammonium salt which 
will not interfere with subsequent tests. 

Transferring Precipitates. In semi-micro procedure it is 
usually not necessary to transfer precipitates from one test 
tube to another. If the precipitate is to be treated with 
some reagent in a casserole or evaporating dish, the reagent 
is first added to the precipitate in the test tube. It is 
brought into suspension by agitation with the stirring rod 
and the suspension is then poured into the open receptacle. 
The test tube may be washed by tipping it into an almost 
vertical (upside down) position and while holding the mouth 
of the test tube over the receptacle, the sides of the test 
tube may be subjected to the very fine stream of solution 
from a capillary syringe. 

The transferring of a part or the whole of the precipitate 
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to another test tube is accomplished by suspending the pre- 
cipitate in distilled water (or a suitable reagent) and by 
withdrawing the suspension with a medicine dropper, from 
which it is ejected into the second container. 

Precipitates can sometimes be transferred with a spatula 
but this operation is usually quite difficult, especially when 
the containers are test tubes. 

PROCEDURES WHEN FILTRATION OPERATIONS ARE USED 

Filtration. Filtration is one of the most time-consuming- 
operations of the laboratory work. This operation is greatly 
expedited if the volume of liquid is maintained at a reason- 



able minimum and if the filtration procedures are carried 
out in an efficient manner. For the purposes of this course, 
the procedures are so devised that at no time should the 
volume of liquid exceed 10 ml. 

The funnel used for filtration should be about 4 cm. in 
diameter and should have a short stem. The filter paper 
(55 mm. in diameter) should be folded in exact halves and 
then not quite into quarters as shown in Figure 30. A small 
corner is torn off as indicated by the dotted line in the figure. 
This tear seals the paper against an inflow of air to the 
underside of the filter paper. The folding angle here is 
greater than 90° and depends upon the shape of the par- 
ticular funnel with which it is used. This may readily be 
determined by making a few tests using different angles of 
fold and noting which gives the greatest rate of flow of 
water. The filter prepared in this manner is then inserted 
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into the funnel, moistened with distilled water and then 
pressed with the fingers against the top part of the funnel to 
make a tight fit. This particular technique is an important 
one in speeding up filtration, since it insures the support of 
a column of liquid in the stem of the funnel and thereby 
leads to a small but an appreciable suction on the filter 
paper- 

The precipitate should be allowed to settle before filtration 
so that a greater portion of the supernatant liquid may be 
poured through the filter paper in the funnel before it be- 
comes clogged. The precipitate is then washed in the test 
tube with a small quantity of distilled water which is like- 
wise transferred to the filter paper. This procedure is 
repeated two or three times and then the bulk of the pre- 
cipitate and the remaining liquid is introduced to the filter. 
For the latter operation it is essential that in the process of 
transfer a small stirring rod be placed across the mouth of 
the test tube so that the liquid will follow the rod to the 
funnel. A rubber “policeman” (a stirring rod with one end 
covered by a short piece of rubber tubing) may be used to 
detach the last traces of solid precipitate which adhere to 
the glass walls of the test tube or flask. 

In many instances it is advisable to heat the tube or flask, 
containing the liquid and the precipitate, in a beaker of 
hot water before filtration is attempted. The hot liquid 
flows faster through the filter and heating also coagulates 
the precipitate with the production of larger particles, 
thereby facilitating filtration. It is evident that this pro- 
cedure cannot be used if the precipitate is appreciably soluble 
at the higher temperatures. 

The speed of filtration may also be increased by the ap- 
plication of suction. For this purpose a side-arm test tube 
or a side-arm 25 ml. filter flask may be conveniently used to 
catch the filtrate. The side-arm of the apparatus is con- 
nected through a safety-trap to the aspirator pump and the 
funnel is inserted through a rubber stopper which fits 
tightly in the mouth of the flask as shown in Figure 31 on 
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this page. For this operation it is necessary to use a hard- 
ened filter paper or a retaining cone in the funnel to prevent 
rupture of the paper when suction is applied. 

Washing of Precipitate on Filter Paper. To wash a pre- 
cipitate on a filter paper use the fine capillary syringe and 
with it spray the distilled water or washing solution around 
the outer edge of the paper thus washing the precipitate 
down into the apex of the cone. If the capillary syringe 



Figure 31. 


delivers a fine stream of water, the precipitate is loosened 
from the paper and is suspended in the wash water. Allow 
the filter to drain thoroughly before adding more wash 
water or solution, and with each successive washing bring 
the precipitate more toward the apex of the cone. 

Removing and Transferring the Precipitate from the 
Filter Paper. Several different procedures may be used to 
remove the precipitate from the filter paper. The selection 
of one of these methods depends upon the intended use of 
the precipitate and its subsequent treatment. A common 
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procedure is that of punching a small hole through the apex 
of the filter paper with a small pointed glass rod and then 
washing the precipitate into the receiving vessel with a fine 
stream of water from the wash-bottle or capillary syringe. 
Another method is that of removing the filter paper and its 
contents from the funnel, unfolding the paper over a small 
evaporating dish or casserole and then washing the pre- 
cipitate with water into the receiving dish while holding the 
paper in an inclined position. If the precipitate is sufficiently 
dry and present in an appreciable quantity, the bulk of it 
may be scraped with a spatula from the unfolded paper into 
the desired container. In this case the small amount re- 
tained by the paper may be removed by washing as pre- 
viously described. Still another method for removing the 
precipitate is that of soaking the unfolded filter paper and 
its contents in a dish containing water. This latter method 
is applicable to precipitates which are held to the filter paper 
loosely and which are not too dry. 

If the amount of precipitate is very small, it is advisable 
to place the entire filter paper and its contents in a dish con- 
taining water or solution to dissolve it. The filter paper 
may then be removed by filtration. 

REAGENTS 

Each student is provided with 12 small reagent bottles 
most of which are similar to the medicine bottles used by 
pharmacists; shown in Figure 32. These may be kept in 
a tray provided for this purpose or they may be stored each 
as a separate unit, and when used they are to be placed in 
a definite order in a row at the back of the laboratory desk. 
These bottles are for the following common reagents. 

6 M Acetic Acid 18 M Sulfuric Acid 

12 M Hydrochloric Acid 6 M Sulfuric Acid 
6 M Hydrochloric Acid 15 M Ammonium Hydroxide 
3 M Hydrochloric Acid 6 M Ammonium Hydroxide 
15 M Nitric Acid 3 M Ammonium Hydroxide 

6 M Nitric Acid 6 M Sodium Hydroxide 
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The stoppers for these bottles are usually made of a hard 
rubber or plastic composition, and this as well as the rubber 
cap of the dropper is attacked rapidly by concentrated HNO3 
and more slowly by concentrated H2SO4 and HC 1 . There- 
fore the bottle containing the 15 M HNO3 must be glass 
stoppered. It is also desirable to use glass stoppered bottles 
for the 18 M H 2 S 0 4 , the 12 M HC 1 , and the 15 M NH4OH. 
However these latter reagents may be kept in the compo- 
sition or rubber capped bottles provided the cap and the 





Figure 32. Student 
Reagent Bottle 


Figure 33. Large 
Reagent Bottle 


rubber bulb of the medicine dropper are renewed period- 
ically (every semester). These bottles are to be refilled 
from the larger supply bottles (500 ml.) kept on the general 
reagent shelf. 

The other reagents which are used less frequently are 
kept in 250 ml. bottles on the reagent shelf. These bottles 
(Figure 33) are also provided with droppers. In using these 
be very careful that the tips of the droppers do not come 
in contact with the test solutions, thus contaminating the 
reagents. Never dip the end of the droppers into any foreign 
solution . 
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THE NOTEBOOK 

The keeping of a good notebook for scientific work is an 
accomplishment that often requires much experience to 
learn. Most beginners either write too much or too little. 
This essential task should take up as little of the student’s 
time as possible and yet the notebook should be sufficiently 
complete to contain all of the important information in an 
easily obtainable form. The student should obtain specific 
advice from his instructor on the notebook, its form and 
contents. However, some general suggestions on this sub- 
ject might be made here. 

Bear in mind that the instructor may want to review or 
inspect the notebook; therefore, do not be too verbose. . Do 
not copy passages of instructions from the laboratory direc- 
tions; refer to these by page, paragraph, or test number. 
Tabulate as many of the results as possible and record all 
observations in the form of short, concise statements. When 
an experiment or a significant part of an experiment is com- 
pleted, record the results immediately. 

In keeping notes on an analysis, make a list in a vertical 
column of all of the ions for which tests are to be made. 
This table can be used to advantage as a rough index to the 
specific tests which follow later. The conclusions reached 
regarding the presence or absence of ions can be inserted 
into this table after sufficient information has been obtained. 
Make certain to note all phenomena which seem to be ir- 
regular, since it is often possible for the instructor as well 
as the student to locate difficulties in an analysis by examin- 
ing such notations. Record the date of the experiment. 

GENERAL INSTRUCTIONS 

The qualities which make for excellence in laboratory 
technique are orderliness, neatness, and cleanliness. These 
qualities are inherent in some people who naturally become 
good technicians. Others must develop them by making 
a special effort to overcome careless habits. Eventually 
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their application becomes a habit and no further special ef- 
fort is then required. Such a habit the laboratory worker 
in science should strive to acquire. 

Orderliness is largely a state of mind. The orderly mind 
thinks ahead to the next operation when carrying out the 
operation at hand. What one does now very often depends 
upon what one is to do next. Do not read only one ste-p at a 
time in the laboratory directions. Look ahead, to get the gen- 
eral picture of the procedure well in mind. 

Neatness and cleanliness have more to do with the ap- 
pearance of the student’s desk and the condition of his ap- 
paratus and equipment with which he is to work. Do not 
allow dirty test tubes and flasks to accumulate. Place them 
in some definite place and wash them at the first opportunity. 
Replace the stoppers of the reagent bottles as soon as the 
reagent has been poured out, and then return the bottles 
to their specified places, either to the reagent racks or to 
the shelves. Always have those pieces of equipment at 
hand which are most often used. 

The following suggestions should be adopted by the stu- 
dent when working in the laboratory. 

(1) Upon beginning work spread a clean towel or paper 
on the top of the desk. The more common and frequently 
used apparatus should be arranged on the desk in an orderly 
fashion. All apparatus should have been cleaned during 
the previous laboratory period. 

(2) Make certain that the reagent bottles at the desk are 
clean. 

(3) Place several medicine droppers and capillary syringes 
in a beaker of distilled water. This water is to be used for 
diluting solutions and for washing precipitates. Never place: 
a dropper on the bare desk; use the towel or paper, or a. 
watch glass. 

(4) Read the laboratory directions carefully and' then 
plan a program of work for the day. 

(5) During the course of the work place dirty test tubes- 
and flasks in a definite place, preferably in a beaker, and. 
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wash them at convenient intervals. This task can often be 
done while waiting for a solution to evaporate, to filter, or 
to be centrifuged. 

(6) In pouring a reagent from a bottle hold the stopper 
between the third and fourth finger of the hand holding the 
bottle. The solution should be poured from the back side of 
the bottle, i.e., the bottle is to be held with the label side 

UP (7) While the student is expected to adhere closely to di- 
rections, he should not work blindly. Some bit of informa- 
tion may show a certain test to be unnecessary. If, for 
example, he observes that an ammoniacal solution of his 
unknown is colorless he can be sure that Cu++ ion is absent. 
Specific tests for this ion may therefore be omitted. 

(8) A b lank test should always be made whenever an un- 
known test is doubtful. The blank test serves as a basis 
for comparison. In addition, if the test for a given ion is 
found to be negative, the student can determine whether 
the conditions for obtaining the test were satisfactory by 
adding to the final solution one drop of a solution contain- 
ing the ion in question. 

THE UNKNOWN 

The analytical procedures described in this text have been 
devised so as to reduce to a minimum the time required for 
their successful operation. This is done in part by specify- 
ing the amount of unknown sample. The minimum amount 
of a given salt present in an unknown solution is from 1 to 
8 mg. per ml., depending upon the atomic weight of the ion 
under consideration. This amount is sufficient for the suc- 
cess of all the tests to be applied. The volume of the solution 
containing the unknown ions is 3 ml. Accordingly each ion 
should be present at a concentration of about .02 M*. For 
solid unknowns the amounts used are of the same order of 
magnitude. 

* Most of the tests in the procedures used in this. text are sufficiently 
sensitive to allow detection at one-fifth the concentrations here specified or 
lower. However, a moderate “factor of safety” has been allowed the student. 


INTRODUCTION TO THE POSITIVE IONS 

The elements may be classified in two distinctly different 
ways: (1) according to their atomic numbers as in the 
familiar periodic classification and (2) according to the re- 
actions and properties of their ions which lend themselves 
to analytical separation and detection. The latter classifica- 
tion includes, in addition to the simple ions, compound and 
complex ions such as the ammonium (NH 4 + ) and sulfate 
(S0 4 — ) ions, and the silver-ammonia [Ag(NH 3 ) 2 + ] and 
chloro-platinate (PtCle - ) ions. In this classification ions 
which form compounds having similar properties are placed 
in a single group. For example, only Ag + , Hg 2 ++ and Pb ++ 
ions react with Cl“ ion in solution to form relatively in- 
soluble chlorides. These three elements then constitute one 
group in the analytical classification. Likewise, those sul- 
fides which can be precipitated in acid solution of sufficient 
strength constitute another group. The latter includes the 
sulfides of Hg ++ , Pb ++ , Bi+++ Cu ++ , Cd ++ , As+ ++ , Sb +++ 
and Sn ++ ions. A third group is made up of positive ions, 
the hydroxides or sulfides of which are precipitated by a solu- 
tion containing NH 4 OH, NH 4 C1 and (NH 4 ) 2 S. It includes 
Al +++ , Cr H " ++ , Fe +++ , Ni++, Co ++ , Mn ++ and Zn ++ ions. A 
fourth group consists of Ca ++ , Ba ++ , Sr ++ and Mg ++ ions 
which, with the exception of the latter, form relatively in- 
soluble carbonates, while a fifth group is made up of K + , 
Na + and NH 4 + ions, the chlorides, sulfides, hydroxides and 
carbonates of which are soluble. Such a grouping of the 
positive ions allows for the separation of most of the common 
elements. 

This method of separating the different ions from each 
other is not a unique one. Small variations in procedure 
may shift one ion from one group to another but in the main 
the different methods of separation are very much alike. 
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Since the compounds of elements in a given main group 
of the periodic table have similar properties it is to be ex- 
pected that these elements will also appear in the same 
analytical group. In some cases this expectation is realized. 
Thus Ca ++ , Ba ++ and Sr ++ ions are precipitated together as 
carbonates,’ while Na+, K+ and NH 4 + ions constitute another 
group. However, the compounds of elements in the sub- 
groups of the periodic system do not show the same close 
similarity in chemical and physical properties exhibited by 
the compounds of the main group elements, and since many 
of the more common elements belong to the sub-groups, 
this parellelism between the periodic table classification and 
the analytical classification is not very marked. 

The five groups of positive ions in the analytical procedure 
are presented in the following order: 

(1) The alkali group; Na+, K+, and NH 4 +. 

(2) The silver group; Ag+, Pb ++ , and Hg 2 ++ . 

(3) The copper-arsenic group ; Hg ++ , Pb ++ , Bi +++ , Cu ++ , 
Cd ++ , As +++ , Sb +++ , Sn ++ , and Sn ++++ . 

(4) The aluminum - zinc group; Al +++ , Cr +++ , Fe^, 
Co ++ , Ni ++ , Fe ++ , Mn ++ , and Zn ++ . 

(5) ’ The alkaline earth group; Ba ++ , Ca ++ , Sr ++ , and 

Mg ++ . 

In each chapter the general chemical properties of the 
group are discussed first. This is followed by the specific 
properties of the different ions within the group, the prelimi- 
nary experiments, and finally by the analytical procedure. 





CHAPTER XI 

THE ALKALI METAL GROUP OF IONS 
Na+, K+ and NH 4 + Ions 

The alkali metals resemble each other very closely in their 
physical and chemical properties. Lithium is somewhat 
different but since it is a less common element it will not be 
included in the procedures of this text. All the metals of 
this group are rapidly attacked by oxygen and moisture; 
hence, they cannot exist as such when exposed to the at- 
mosphere. They are the most strongly electropositive ele- 
ments known and accordingly react readily with elements 
or groups of elements which show a pronounced tendency to 
become electronegative. Their hydroxides form the strong- 
est of bases in an aqueous medium and consequently the 
salts of strong acids are not hydrolyzed. The compounds of 
the alkali metals are characterized by their general solubility 
in water solution ; only a very few insoluble salts are known. 
The ions bear a single positive charge which is representative 
of the only known valence state. 

The ammonium ion is included with those of the alkali 
metals in the analytical procedures since it shows very 
similar properties. It carries a single positive charge, most 
of its salts are soluble in water and in its chemical properties 
it resembles the alkali metal ions. As a matter of fact, very 
good evidence has been presented to show that the free 
ammonium group, NH 4 , is a highly electropositive metal 
which occupies a position in the E.M.F. series comparable 
to that of sodium and potassium. The ammonium ion, 
however, differs from the alkali metal ions in that it forms a 
relatively weak base, NH 4 OH. This difference in behavior 
affords a means of identifying the ammonium ion in the 
presence of the alkali metal ions. 

Since there are relatively few slightly soluble compounds 
of the ions of the alkali group, the analytical procedures 

298 


SOLUBILITY OF SALTS 


299 


cannot be very satisfactory. Those compounds which are 
slightly soluble are not sufficiently insoluble to render them 
capable of identification. This point is made apparent in the 
following list of solubilities of the more insoluble compounds 
of these ions. If the ions of this group are present in the 
original unknown solution only to the extent of .02 M, it is 
evident that they cannot be very satisfactorily separated 
and identified by chemical means. 

TABLE 15 


Equilibria Involving Alkali Metal Ions 
(s) denotes solid phase 



Equilibria 

Molar Solubility 
{Approximate) 

2Na+ 

+ B4O7 

— Na2B 407( S ) 

0.2 

2Na+ 

4- C2O4 

= Na 2 C204 ( 3) 

0.24 

2Na+ 

4“ SiF 6 

= Na2SiF 6(s) 

0.035 

2Na+ 

+ H 2 Sb 2 0 7 — 

— Na 2 H 2 Sb207(3) 

0.008 

K+ 

+ ClOr 

= kcio 4(3) 

0.15 

2K+ 

+ PtCl 6 

= K 2 PtCl 6( 3) 

0.03 

K+ 

+ HCJIAr 

= KUC4H 4 0 6W 

0.03 

2K+ 

SiF 0 

= K 2 SiF 6 ( 3 ) 

0.006 

3K+ 

+ Co(N0 2 ) 6 — 

= K3Co(N0 2 ) 6W 

~ 0.001 

nh 4 + 

+ HCAOe- 

= NH 4 HC 4 H406 (a) 

0.06 

2NH* 4 

■ + PtCle— 

= (NH 4 ) 2 PtCl 6(>) 

0.02 

3NEU+ + Co(N0 2 ) 6 — 

— (NH4) 3C0 (N 0 2 ) 6 (s) 0.001 


From Table 15 it is seen that the most insoluble salt of 
Na + ion is the pyroantimonate, Na 2 H 2 Sb 2 07, while that of the 
K + ion is K s Co(N0 2 )6. In the case of Na + ion, potassium 
pyroantimonate may be used as the precipitating agent, 
while for the identification of the K+ ion, sodium cobalti- 
nitrite may be used. Since neither is highly satisfactory, it 
is advisable to omit these tests, unless the ions in question 
are present in solution at relatively high concentrations, and 
instead rely entirely upon the flame tests. Sodium salts 
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impart a yellow color to the flame while those of potassium 
give a violet color. In making these tests it is essential that 
a comparison be made with a known sample. In addition, 
for the identification of potassium by the flame test, it is 
advisable to use two thicknesses of cobalt glass in order to 
eliminate more completely the colors due to the presence 
of other ions, in particular Na + and Ca ++ ions. 

The presence of NH 4 + ion in solution may be readily 
detected through the addition of a strong base, such as 
NaOH or Ca(OH) 2 , with subsequent heating of the solution 
to liberate NH 3 , and finally through the detection of NH 3 
by moist red litmus paper. The odor of NH 3 may be suf- 
ficiently strong to be detected. An examination of the equi- 
libria involved in a solution containing NH 3 and NH 4 + ion 
explains this test. 

NH 3 Hr H,0 = NH 4 OH = NH 4 + + OH- (1) 

The strong base furnishes a high concentration of OH~ ions 
which drives the reaction to the left with the production of 
free NH 3 . At higher temperatures the solubility of NH 3 in 
water is considerably less than at room temperature. Con- 
sequently, when the solution is heated more NH 3 gas is 
liberated. When it comes in contact with moistened litmus 
paper, OH~ ion is produced according to equation (1) and a 
basic reaction is observed. 

Ammonia can be detected in very small amounts by the 
use of Nessler’s Reagent which contains the complex ion 
HgLi”~- in a concentration of about 0.5 M and is 3 M with 
respect to OH - ion. It is made by dissolving Hgl 2 in KI 
solution and then adding KOH. This reagent in combining 
with NH 3 produces a red-brown colloidal precipitate which 
has the formula NH 2 Hg 2 I 3 and in very small amounts this 
colloidal precipitate imparts a yellow color to the solution. 
The solution to be analyzed is made alkaline with NaOH 
and the NH 3 is distilled into the Nessler’s Reagent. The 
reaction is 

2HgI 4 — + NIL + OH- = NH 2 Hg 2 I 3 + H 2 Q + 51" 
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This reagent is so sensitive that great care must be used 
to exclude the contamination of the unknown solution by 
the NH 3 present in the air of the laboratory. 

Preliminary Experiments 

A-l. Test for NH 4 + Ion. Add 10 drops (0.5 ml.) of 0.1 M 
NH4NO3 solution to 2.5 ml. of water in a small beaker or evapo- 
rating dish and determine the presence of the NH 4 + ion in the 
following manner. Add 6 M NaOH solution dr op wise until the 
solution [is fjust alkaline (see directions page 283). Add 1 ml. 
of 6 ikf NaOH solution in excess. Have ready a moistened strip 
of red litmus paper adhering to the under side of a watch glass 
just large enough to cover the container. Place the watch glass 
over the container and heat the solution gently. The ammonia 
generated from the hot solution will react with the litmus paper 
turning it blue. 1 When NH 4 + ion is present in sufficient concentra- 
tion, the odor of ammonia can be easily detected. Try this same 
experiment using only 1 drop of 0.1 M NH 4 N0 3 solution and 1 ml. 
of water. 

Note 1 . If the heating is too vigorous , some of the boiling NaOH solution 
may spatter onto the litmus paper. Do not confuse scattered blue spots on the 
litmus paper caused by spattering with the even change to blue brought about by 
the NHz . 


A-2. Test for Na + Ion. Prepare a .02 M solution of NaN0 3 by 
adding 0.5 ml. of the 0.1 M NaN0 3 solution to 2 ml. of water. 
Add 1 ml. of 6 M HC1. 2 

Bend one end of an iron, Nichrome, or Chromel wire into a very 
small loop so that it will retain a drop of the solution to be tested. 
The other end of the wire may be inserted into a cork for a handle 
(see page 284). Dip the loop end of the wire into the solution 
containing the Na + ion and insert it into the edge of the blue 
flame of the Bunsen burner. Note the intense yellow flame char- 
acteristic of sodium. To clean the wire heat it in the flame and 
while it is hot, dip it into a drop of 6 M HC1 placed on a watch 
glass, and again heat. Now using a clean wire, test various re- 
agents in the laboratory which are not supposed to contain Na + 
ion. Note that a weak sodium flame is obtained. This is to be 
distinguished from the very strong positive test. 
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Make a solution which is .002 M in Na + ion, i.e., take one part 
of the solution previously used and add to it 9 parts of water. 
Again note the strong sodium flame. With experience it is pos- 
sible to distinguish between sodium present in small traces and 
that present as an essential constituent of the solution. Save the 
original solution containing the Na + ion as a comparison for later 
tests. 


Note 2. In making any flame test always add HCl to the solution. If 
nitrates alone are present , these upon heating will be converted to the oxides 
which are relatively non-volatile. Chlorides are not as easily converted to the 
oxides and are usually volatile at high temperatures. 


A-3. Test for K + Ion. Prepare 2.5 ml. of a .02 M KN0 3 solu- 
tion. Add 1 ml. 6 M HCl and as previously described make a 
flame test for potassium. Note the light violet color of the flame. 
This color is easily obscured by the presence of other ions, par- 
ticularly sodium. To distinguish the K+ ion in the presence of 
other ions the light emitted by the other ions is filtered out by 
means of a cobalt glass. One thickness of the cobalt glass is not 
sufficient to extinguish all the extraneous light, therefore two are 
necessary. Now view the potassium flame through two thick- 
nesses of cobalt glass. Note the deep red color. The flames of 
some other ions are visible through this filter yet none of them 
give this characteristic color of potassium. 

Prepare a solution which is .002 M with respect to the K + ion 
by diluting one part of the former solution with 9 parts of water 
and again test for potassium. Save the original solution for later 
tests. 

4. Test for K + and Na+ Ions in the Presence of Each Other. 
Add 5 drops of 0.1 M NaN0 3 solution and 5 drops of 0.1 M KN0 3 
solution to 1.5 ml. of water. Add 1 ml. of 6 M HCL Test for both 
Na + and K+ ions by the method outlined in the previous experi- 
ments. 

5. Test for K + and Na + Ions in the Presence of Other Ions. 
Prepare a solution containing a number of ions selected ad lib 
from the reagent shelf. Divide the solution into two parts and 
make one of these .02 M with respect to both Na + and K + ions. 
Add 6 M HCl to each part, as directed before, and perform tests 
for the sodium and potassium ions on both these solutions. 
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Analysis of the Alkali Metal Group 
Obtain from the laboratory instructor a sample of an unknown 
solution which is to be tested for the Na + , K+, and NH 4 + ions. 
To 1 ml. of this solution in a casserole or evaporating dish add 
6 M NaOH dropwise until alkaline and add 1 ml. of the NaOH 
solution in excess. Test for the NH 4 + ion as directed in Preliminary 
Experiment A-l. 

Make 10 drops of the original solution acidic with 6 M HC1, 
added dropwise, and add 10 drops of 6 M HC1 in excess. If 
the original solution is already acidic, merely add 10 drops of 
6 M HC1. Test for the K + and Na + ions as directed in the pre- 
vious Preliminary Experiments. In each case do not rely upon 
your memory for the color and intensity of the flames from the 
ka + and K + ions but make a comparison test by using two wires, 
one for the unknown solution and one for the solution known to 
contain the ion in question. 


CHAPTER XII 

THE SILVER GROUP 
Ag + , Pb ++ and Hg 2 ++ Ions 

The reagent used for the separation of the silver group 
from the other groups in the analytical procedure is the 
chloride ion. This reagent is adopted here since the chlo- 
rides of the three ions under consideration are the only 
insoluble ones of all the cations which we shall study in this 
course. Lead chloride is by no means completely precipi- 
tated when Pb ++ and Cl - ions are present. It is not very 
soluble in cold solutions but its solubility increases rapidly 
with increasing temperature. Consequently, considerable 
Pb ++ ion is carried through to the next analytical group of 
cations; only a portion of it is precipitated along with silver 
and mercurous chlorides. However, the amount of Pb ++ ion 
remaining in solution after the precipitation of the silver 
group may be reduced to a minimum by cooling and by 
using an excess of the precipitating reagent. Another diffi- 
culty which may arise in the precipitation of the chlorides 
of these ions is that the insoluble oxychloride of bismuth and 
of antimony may appear under some conditions. By con- 
trolling the concentrations of both the H+ and the Cl - ions 
this difficulty may be avoided. 

Silver Ion, Ag+. Silver ion is characterized by its ability 
to form a large number of insoluble compounds with certain 
anions. In addition, it shows a marked tendency to form a 
relatively large number of stable complex ions. Much of 
the chemistry of the Ag+ ion is expressed in the following 
table in which there are listed equilibria involving slightly 
soluble silver compounds and complex ions. In the case of 
any of the slightly soluble compounds the equilibrium is 
between the solid phase and its ions in solution; while for a 
complex ion the equilibrium is one which involves this ion 
and its products of dissociation. The order in the table is 
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made on the basis of decreasing concentration of Ag+- ion 
a t equilibrium, (s) denotes solid phase. For purposes of 
comparison the concentration of the complex ion in solution 
is taken as 1 M. 

TABLE 16 

Equilibria Involving Silver Ion 



Ag+ 

+ 

Ac~ 

= AgAc w 

g 

h*h 

2Ag+ 

+ 

S0 4 — 

= Ag 2 S0 4( 8) 

to 

2Ag + 

+ 

co»— 

= Ag 2 C0 3 («) 

< 

Ag+ 

+ 

I0r 

= AgI0 3(s) 

O 

2Ag+ 

+ 

C*0 4 — 

= Ag 2 C 2 04(s) 

ri 

.° 

2Ag+ 

+ 

Cr0 4 — 

= Ag 2 Cr04 (S ) 


Ag+ 

+ 

OH- 

= Ag0H (s) (|Ag 2 0 


Ag+ 

+ 

ci- 

= AgCl ( „ 

0) 1 

o 

rj 

Ag + 

+ 

SCN- 

= AgSCN (8) 

5—i 

O 

O 

Ag+ 

+ 

CN- 

= AgCN (s) 

bO 

Ag + 

+ 

2NH 3 

= Ag(NH 3 ) 2 + 

A 

*02 

Ag+ 

+ 

Br- 

= AgBr (s) 

c3 

o 

+4 

Ag+ 

+ 

I- 

= AgI( S ) 

c 

o 

Ag + 

+ 

2CN- 

= Ag(CN) 2 - 

0 

.. 2Ag H 

- + 

s— 

= Ag 2 S( S ) 


+ |H 2 0) 


Since the above equilibria are arranged according to de- 
creasing concentration of Ag + ion, it is apparent that S 
ion will react with Ag+ ion in equilibrium with any of the 
complex ions or with any of the solid silver compounds 
appearing above Ag 2 S in this table. From this table we can 
predict the course of fourteen reactions involving the sulfide 
ion. In each case the equilibrium is displaced to the right 
as the equation is written. 


S— + 2Ag(CN) 2 - 
S + 2AgI (S ) 

S — + 2AgBr (s) 

S + 2Ag(NH 3 ) 2 
S— + 2AgCN w 
S + 2AgSCN (S ) 
S + 2AgCl( S ) 

S — + 2AgOH(„) 

S + Ag 2 Cr04(») 


= Ag 2 S (e) 
= Ag 2 S w 
= Ag 2 S ( ») 
= AgsS( S ) 
= Ag 2 S w 
= Ag 2 S w 
= Ag 2 S( S ) 
= AgsS ( .) 
= Ag 2 S (8 ) 


+ 4CN- 
+ 21 - 
+ 2Br- 
+ 4NH 3 
+ 2CN- 
+ 2SCN- 
+ 2C1- 
+ 20H- 
+ CrC>4 
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S + Ag 2 C 2 04(s) = Ag 2 S(,) + C 2 O 4 

S T 2AgI0 3(s) = Ag 2 S (a) 4" 2 IO 3 

S + AgoC03(a) = AgaS (*) + CO 3 

S + Ag 2 S04(a) ” Ag 2 S(a) + SO4 

S — + 2AgAc (S ) = Ag 2 S (S ) + 2Ac _ 

In a lik e manner, thirteen equations may be written for 
the CN~ ion in the formation of the Ag(CN) 2 _ ion, twelve 
equations for the I - ion, eleven equations for the Br~ ion, 
etc. ; making a total of 105 equations which may be derived 
from Table 16. These equations represent the more im- 
portant chemical properties of the Ag+ ion in its reactions 
with other ions and compounds. 

When two ions show about the same tendency to combine 
with silver ion, in other words when the concentration of the 
Ag + ion is very nearly the same for two equilibria, it is possi- 
ble to reverse the order of reaction by changing the concen- 
trations of the reactants. Thus, according to the table, Br~ 
ion will react with Ag(NH 3 ) 2 + ion to form AgBr and NH 3 . 

Br- + Ag(NH 3 ) s + = AgBr cs) + 2NH 3 (2) 

But if an excess of NH 3 is introduced AgBr will dissolve. 
Thus, the reaction may be made to go from right to left or 
from left to right by changing the relative concentrations 
of the NH 3 and Br~ ion respectively. Such a situation is 
possible only when the concentration of the Ag+ ion at 
equilibrium with the substances in question is of the same 
order of magnitude. 

Although Table 16 gives a great deal of information con- 
cerning the chemistry of the Ag+ ion, there are certain 
specific and characteristic properties of this ion and some 
of its compounds which should be emphasized. 

In the presence of OH~ ion silver hydroxide is precipitated 
from solutions containing Ag+ ion. The hydroxide is not 
very stable even at ordinary temperatures; it decomposes 
to give the oxide, Ag 2 0. (Thus, when we speak of silver 
hydroxide we implicitly refer to silver oxide.) Silver hy- 
droxide is not appreciably soluble in excess alkali hydroxide; 
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AgOH does not have pronounced amphoteric properties. 
On the other hand, AgOH is soluble in excess NH 4 OH with 
the formation of the silver-ammonia complex ion, Ag(NH 3 ) 2 + . 
Consequently, it is apparent that the Ag(NH 3 ) 2 + ion fur- 
nishes a smaller concentration of Ag+ ion through dissocia- 
tion than solid AgOH. 

The halide ions, with the exception of the F~ ion, form 
relatively insoluble salts with Ag+ ion. Of these salts, the 
iodide is the least soluble and the chloride the most soluble. 
(Table 16 also gives this information.) Silver chloride is 
somewhat soluble in solutions containing a high concentra- 
tion of Cl - ion with the formation of a complex ion, such as 
AgCl 2 - This complex ion is relatively unstable and there- 
fore a hi gh concentration of Cl~ ion is required to dissolve 
AgCl. According to Table 16, AgCl is also soluble in NH 3 
and in KCN solutions with the formation of a complex ion 
in each case. Silver bromide is less soluble than AgCl in 
water but its reactions are very similar to those of the 
chloride; the differences are due to the lower concentration 
of Ag + ion in the saturated solutions of the bromide. Thus, 
the formation of complex silver ions from AgBr requires a 
higher concentration of NH 3 and CN“ ions. Silver iodide is 
so insoluble that only the cyanide complex ion is formed in 
appreciable quantities. 

Silver sulfide, Ag 2 S, is the least soluble of all silver salts. 
It may be precipitated from solutions containing Ag+ ion 
by H 2 S and alkali sulfides. However, it is soluble in HN0 3 
and in concentrated KCN solutions. 

3Ag 2 S (s) + 2N0 3 - + 8H+ = 6Ag+ + 3S W + 2NO + 4H 2 0 (3) 

Ag 2 S (s) + 4CN- = 2Ag(CN) 2 - + S“ (4) 

Other relatively insoluble compounds of the silver ion 
are the carbonate, the cyanide, chromate, ferricyanide, 
phosphate, thiocyanate and all salts of organic acids. In 
fact, the fluoride and nitrate of silver are the only highly 
soluble compounds. The acetate and sulfate are moderately 
soluble. 
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Silver ion is a good oxidizing agent. It will oxidize Pb, 
Hg, As, Sn, Sn++ ion, Cd, Fe, and many other substances. 
Its strength as an oxidizing agent may be readily determined 
from its position (#71) in Table 14 of the half-reactions 
given in Chapter IX. 

Since silver hydroxide in solution is a moderately strong 
base most silver salts are not appreciably hydrolyzed. 

Lead Ion, Pb++. Lead forms two kinds of positive ions, 
Pb ++ and Pb ++++ . Compounds of the latter type (plumbic) 
are exceedingly unstable and consequently are encountered 
only under unusual and carefully controlled conditions. 
Thus we shall have occasion to deal only with the plumbous 
ion and its compounds. 

As the atomic weight of an element increases within a 
group of the periodic system, the hydroxides of the elements 
become more basic. In addition, it is well known that the 

TABLE 17 


Equilibria Involving Lead Ion 


d 

o 

Pb++ 

+ 2C1- 

= PbCl 2(s) 

+ 

Pb ++ 

+ 2Br~ 

= PbBr 2w 

h 

tw 

o 

Pb++ 

+ 21 - 

= Pbl 2(3 ) 

Pb++ 

+ S 2 O 3 

— PbS 2 0 3 ( S ) 

d 

o 

Pb++ 

+ 2 F- 

= PbF 2w 

V? 

c 2 

Pb++ 

+ SO 4 — 

= PbS0 4(s) 

t-i 

-4-3 

Pb++ 

+ 20H- 

= Pb(OH) 2w 

53 

c> 

d 

Pb++ 

+ 2 IO 3 - 

= Pb(IO,), w 

o 

O 

Pb++ 

T" C 2 O 4 

= PbC 2 0 4 ( S ) 


Pb++ 

+ CO 3 

= PbC0 3(S ) 

*53 

c3 

Pb++ 

+ Cr0 4 — 

= PbCr0 4(s) 

CD 

u 

o 

3Pb++ + 2P0 4 

= Pb 3 (P0 4 ) 2(s) 

CD 

P , 

i Pb++ 

+ s— 

= PbS w 


hydroxides of the elements in the lower valence states are 
decidedly more basic than those of higher valence. Thus 
plumbic hydroxide possesses more acidic than basic charac- 
teristics while the reverse is true for the plumbous hydroxide, 
Pb(OH) 2 . However, Pb(OH) 2 shows amphoteric properties 
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in that plumbites may readily be formed. Since Pb(OH) 2 
in solution is a moderately strong base, salts of the Pb ++ 
ion are not extensively hydrolyzed. 

The nitrate, acetate, chlorate and persulfate of Pb++ ion 
are very soluble in water while the bromate is moderately 
soluble. Many of the other more common salts of this ion 
show a limited solubility. Table 17 gives a list of the less 
soluble compounds in the order of decreasing concentration 
of Pb ++ ion in equilibrium with the solid salt. 

On the basis of the thirteen equilibria listed in Table 17 
it is possible to write seventy-eight equations expressing 
the more important chemical properties of the Pb++ ion. 
Since the solubilities (molar) of several salts given in this 
table are of the same order of magnitude, the direction of 
some of the predicted reactions may be reversed by making 
the concentration of the anion of the more soluble substance 
large as compared with that of the less soluble compound. 
Lead sulfide is exceedingly insoluble. It is always pre- 
cipitated when Pb++ and S" ions are present in the same 
solution. Thus, all of the solid salts above PbS in the 
table will be converted to PbS by S ion. 

The chloride is the most soluble and the fluoride the least 
soluble of the halogen compounds of Pb ++ ion. The bromide 
and iodide occupy intermediate positions in the order named. 
The solubility of the chloride changes very rapidly with 
temperature; at 100° its solubility is more than three times 
that at room temperature. Consequently, it is essential 
that the precipitation of PbCl 2 be confined to moderately 
low temperatures if Pb - * - ^ - ion is to be detected in the silver 
group. It is accordingly, impossible to remove PbCl 2 com- 
pletely in this group. Lead ion will also be found in a later 
group where it is precipitated practically completely by H 2 S 
through the formation of the highly insoluble PbS. 

When NH 4 OH is added to solutions containing Pb ++ ion, 
white basic salts of indefinite composition are precipitated. 
One might represent the reaction with the chloride as follows : 
PbCl 2 + NH4OH = Pb(OH)Cl w + NH 4 + + Cl- (5) 
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These basic salts are not soluble in excess NHtOH solution, 
which indicates that Pb ++ ion does not form a complex 
ion with ammonia. This property of the Pb ++ ion dis- 
tinguishes it from Ag+, Cu ++ and Cd ++ ions. 

Alkali hydroxides precipitate hydrated lead oxides from 
solutions containing Pb ++ ions. Undoubtedly there are stages 
of hydration of the oxides which correspond to the normal 
hydroxide, Pb(OH) 2 . Lead hydroxide is found to be readily 
soluble in excess NaOH or KOH solutions with the formation 
of plumbites. This reaction clearly demonstrates the am- 
photeric nature of the hydroxide. 

H+ + HPbOo- = Pb(OH) 2(s) = Pb++ + 20H~ (6) 


+ 

or 

+ 

OH- 

H 2 Pb0 2(s) 

2H+ 

u 

ft 

H 2 0 


2H 2 0 


The biplumbite ion, HPb0 2 _ , is produced in dilute NaOH 
solution, while in concentrated solutions the plumbite ion, 
Pb0 2 — , is probably present. The amphoteric nature of 
Pb(OH) 2 distinguishes Pb ++ ion from Ag + , Hg 2 ++ , Bi +++ , 
Cu ++ and Cd ++ ions. 

Alkali carbonates and bicarbonates precipitate the normal 
lead carbonate from cold solutions containing Pb ++ ion. 

Pb++ + CO*— = PbC0 3(s) (7) 

In hot solutions a basic carbonate is formed, the composition 
of which is variable and is dependent upon the concentrations 
of the constituents undergoing reaction. 

Cyanides, ferrocyanides and thiocyanates precipitate the 
corresponding salts of lead from solutions containing Pb ++ 
ions. The ferrocyanide is quite insoluble, the cyanide, 
slightly soluble and the thiocyanate, moderately soluble. 

Lead sulfide is precipitated from solutions of Pb ++ ions, 
in the presence of H+ or OH - ions or in neutral solution, by 
H 2 S or soluble sulfides. PbS is not soluble in dilute acids, 
nor in the presence of excess OH - ion. It does not dissolve 
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in solutions of alkali sulfides. In the presence of dilute nitric 
acid oxidation of the S — ion results with the formation of 
free sulfur. 

3PbS(j) + 2 NO 3 - + 8H+ = 3Pb ++ + 3S (S ) + 2NO + 4 H 2 O (8) 
If precipitation of PbS is carried out in hydrochloric acid 
solution through the addition of H 2 S, it is advisable to 
maintain the concentration of the hydrogen ion at a reason- 
able value, not in excess of 1.5 M. In the more concentrated 
solutions of HC1, PbS fails to precipitate. Not only is the 
concentration of the S — ion lowered by the presence of a 
large amount of H + ion but, in addition, the concentration 
of the Pb ++ ion is materially reduced by the Cl - ion through 
the formation of the slightly ionized PbCl 2 . 

It was pointed out previously that lead salts show very 
little ionization in water solution. These salts, together with 
those of mercury and cadmium, behave exceptionally in this 
respect. Whereas one might expect lead chloride to ionize 
practically completely in aqueous solution, its ionization is 
only of the order of magnitude of a few per cent. In addition, 
in the presence of excess Cl - ion, complex ions are formed 
which tend to reduce the concentration of the Pb ++ cation. 

PbCl 2 + 2C1- = PbCh (9) 

Mercurous Ion, Hg 2 ++ — Mercuric Ion, Hg++. Although 
the silver group includes only the mercurous ion, it is de- 
sirable at this point to consider the chemistry of the mercuric 
ion as well. The chemistry of one ion often involves that 
of the other. In the analytical scheme the mercuric ion 
falls into the copper-arsenic group of ions. 

Mercury forms two series of compounds, mercurous and 
mercuric, in which it displays valences of one and two re- 
spectively. Since mercury is a very weakly electropositive 
element, both mercurous and mercuric hydroxides are very 
weak bases. These hydroxides do not exist as such in the 
solid state, only the anhydrides (the oxides) are known. 
Thus, mercurous and mercuric salts are extensively hydro- 
lyzed in water. 
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The mercurous ion is represented as a doubly charged ion 
consisting of two atoms of the element, Hg 2 ++ . The struc- 
ture of the unassociated mercurous ion, Hg + , is unique in 
that it has one remaining outside electron with all the interior 
electronic shells filled. The total electrons in this ion is an 
odd number, 79. In general, molecules or atoms having an 
odd number of electrons tend to couple with each other since 
the electrons themselves have a great tendency to form 
pairs. Thus, sodium atoms which have an odd number of 
electrons pair with each other in the vapor state to form Na^ 
molecules. In the same way Hg + ions couple to produce 
Hg 2 ++ . In addition to the tendency of electrons to form 
stable groups of eight, they show a tendency to couple and 
form electronic pairs. 

The sulfate, acetate and nitrate of Hg 2 ++ ion are somewhat 
soluble in water but on standing tend to hydrolyze with the 
precipitation of basic salts. To prevent hydrolysis it is 
necessary to add an acid to the solution. Most of the 
mercurous salts are relatively insoluble in water. The 
equilibria involving mercurous ion are listed in Table 18. 

TABLE 18 

Equilibria Involving Mercurous Ion 


d + 

3 + N 
O w> 


O C3 

Q S 


Hg 2 ++ + 2C1~ = Hg2Cl 2(3) 
Hg 2 ++ + 2Br“ = Hg 2 Br 2(s) 
= Hg 2 I 2w 
= Hg 2 S (s) 


Hg 2 ++ + 21 
Hg 2 ++ + S" 


The carbonate, oxalate, phosphate, thiocyanate and chro- 
mate of Hg 2 ++ ion are also very slightly soluble in water 
although they are all more soluble than the sulfide. 

The nitrate, acetate, chlorate, cyanide and chloride of 
Hg ++ iomare readily soluble in water. The chromate, oxalate 
and phosphate of this ion are very slightly soluble. Equi- 
libria involving the Hg++ ion and solid salts, as well as some 
of the more common complex ions, are listed in Table 19 
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in the order of decreasing concentration of Hg ++ ion. For 
the complex ions, a concentration of 1 mole per liter is taken 
in establishing their positions. 


TABLE 19 


Equilibria Inv 
a Hg++ + 

•43 Hg++ + 

| Hg ++ + 

I | Hg++ + 

g t Hg++ + 

'r H g ++ + 

M £ Hg ++ + 

1 Hg++ + 

8 Hg++ + 

P 1 Hg++ + 


olving Mercuric Ion 
2Br~ = HgBr 2( «) 
2SCN- = Hg(SCN) 2C „ 
SO4 = HgSOto 

21- = Hgl 2 („) 

3C1- = HgClj - 

4Br- = HgBr 4 — 
4SCN- = Hg(SCN) 4 — 
4I~ = Hgl 4 

4CN- = Hg(CN) 4 — 

• S = HgS( S ) 


Some of the reactions predicted from Table 19 may be 
reversed by changing the relative concentrations of the 
reacting ions. Mercuric sulfide, however, furnishes a very 
much lower concentration of Hg++ ions than do any of the 
other mercuric compounds and therefore HgS cannot be 
dissolved by any of the ions listed in the table. In fact it 
can only be dissolved by aqua regia. 

Tables 18 and 19 give the more important properties of 
the Hg 2 ++ and Hg ++ ions. However, there are certain 
specific properties of these two ions which should be em- 
phasized. _ 

When metallic mercury is added to a solution of Hg(N0 3 ) 2 
a solution of Hg 2 (NOs)2 is eventually produced. An oxida- 
tion-reduction reaction is involved which may be represented 
by the equation 

Hg ++ +Hg = Hg 2 ++ (10) 

The above reaction proceeds until equilibrium is established 
which in the case of the nitrate solutions is such that about 
one hundred times as much Hg 2 ++ as Hg ++ is present. This 
equilibrium can be shifted to the left by removing the Hg ++ 
ion through the formation of some very insoluble mercuric 
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compound. Thus, when H 2 S is added to a solution con- 
taining Hg 2 ++ ion, HgS and Hg, and not Hg 2 S, are formed. 
Mercuric sulfide is much less soluble than mercurous sulfide 
and for this reason the equilibrium as represented by equa- 
tion (10) is shifted to the left and free mercury is produced. 

When ammonia is added to a solution of HgCl 2 a very 
insoluble white ammonobasic salt, Hg(NH 2 )Cl, is formed. 

HgCl 2 + 2NH 3 - Hg(NH 2 )Cl (S) + NH 4 + + Cl- (11) 

In this equation mercuric chloride is written as HgCl 2 and 
not in its ionized form since it is a weak salt. The NH 2 
radical is the ammonia analogue of the OH radical (see 
page 196), and the compound Hg(NH 2 )Cl is therefore 
mercuric ammonobasic chloride. The reaction is termed 
ammonolysis, analogous to hydrolysis, since ammonia rather 
than water is the reacting constituent. However, the am- 
monolysis involves only one of the chlorine atoms. If com- 
plete ammonolysis were to take place, the nitride of mercury 
would be formed. In the same manner, complete hydrolysis 
of a mercuric salt would produce the oxide of mercury since 
the hydroxide (base) is not stable. 

When solid mercurous chloride is treated with NH 3 the 
equilibrium expressed in equation (10) is again shifted to 
the left and the very insoluble Hg(NH 2 )Cl and free mercury 
are formed. Since the free mercury is very finely divided it 


Hg++ + Hg (s) 

+ 

2NH 3 

+ 

ci- 

Jf 

Hg(NH 2 )Cl w 

+ 


- Hg 2 ++ 
+ 

2C1- 

JT 

Hg 2 Cl 2(s) 


( 12 ) 
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appears black and masks the white Hg(NH 2 )Cl formed at 
the same time. The reactions involved may be expressed by 
the equilibrium combinations given in scheme (12), page 314. 
The over-all equation, i.e., the reaction involving only what 
disappears and what is formed regardless of the intermediate 
steps, is 

Hg 2 Cl 2(s) +2NH 3 = Hg(NH 2 )Cl (s , +Hg w +NIR++C1- (13) 

It will be recalled that AgCl is soluble in NH 3 while PbCl 2 
shows no reaction; thus, the above reaction is one char- 
acterized only by mercury salts of the silver group of ions. 

Alkali hydroxides added to solutions containing Hg 2 ++ 
ion precipitate mercurous oxide, Hg 2 0, which does not ex- 
hibit any amphoteric properties. N aOH or KOH precipitate 
HgO from solutions containing Hg ++ ions. It likewise fails 
to show any amphoteric tendencies. 

Hydrogen sulfide, alkali sulfides or ammonium sulfide 
precipitate mercuric sulfide from solutions containing the 
Hg 2 ++ ion. Mercurous sulfide may be formed here at lower 
temperatures but at room temperature internal oxidation 
and reduction produce HgS and Hg. At low temperatures 
the speed of the internal oxidation-reduction reaction is not 
great enough to produce HgS in accordance with equation 
(10). When any of the above mentioned sulfides are added 
to solutions of mercuric salts, HgS is precipitated. The re- 
action evidently proceeds through several stages as is in- 
dicated by the color changes during precipitation. There is 
first formed a white precipitate which changes to yellow, 
red, brown and finally black. These stages probably repre- 
sent different products as well as different sizes of particles. 
Mercuric sulfide is relatively insoluble in dilute HN0 3 but 
slightly soluble in the hot concentrated acid. It is readily 
soluble in aqua regia and only very slightly soluble in 
(NH 4 ) 2 S or (NH 4 ) 2 S x . 

When SnCl 2 is added to solutions of mercuric salts, Hg 2 Cl 2 
is precipitated. An excess of the reducing agent produces 
metallic Hg. 
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2HgCl 2 + Sn ++ = Hg 2 Cl 2(s) + Sn ++++ + 2C1" (14) 
Hg 2 Cl 2(s) + Sn ++ = 2Hg (s) + Sn ++++ + 2C1" (15) 

This reaction is a useful as well as a characteristic one for 
the detection of mercury in the form of Hg ++ ion. 

Mercurous ion is readily distinguished from Hg ++ ion in 
solution in that the former produces the highly insoluble 
Hg 2 Cl 2 in the presence of Cl” ion, while the chloride of the 
latter is highly soluble. Mercuric ion, on the other hand, is 
distinguished from the arsenic group of ions in that the 
latter in the form of sulfides are readily soluble in (NH 4 ) 2 S X 
while HgS is not. Mercuric sulfide, however, is soluble in 
alkali sulfides and polysulfides. 

Preliminary Experiments 

1. To 2 ml. of water add 2 drops of 0.1 M AgN0 3 solution and 
3 drops of 0.1 M KBr solution to produce a slight excess of Br“ 
ion. To this mixture add sufficient concentrated NH 4 OH solution 
to just dissolve the precipitate. Again add enough KBr solution 
to reprecipitate the AgBr. Redissolve the AgBr again by adding 
NHtOH. Repeat this procedure several times. Write equations 
for the reactions and explain the appearance and disappearance 
of the precipitate. On the basis of the results of this experiment 
what prediction can you make regarding the relative concentra- 
tions of Ag + ion furnished by AgBr (saturated solution) and the 
silver-ammonia complex ion respectively? 

2. (a) To 2 ml. of 0.1 M AgN0 3 solution add a few drops of 
dilute NaOH (use medicine dropper). Write the formula of the 
precipitate formed. Write the equation for the reaction. 

(b) To this mixture add dropwise 0.1 M NaCl solution until 
the first precipitate has been transformed completely into a white 
precipitate. What is the formula of the white precipitate? Write 
the equation for the reaction which has taken place. 

(c) Now, add enough NH 4 OH to dissolve this white precipitate. 
The substance formed in this last reaction is the complex ion, 
Ag(NH 3 ) 2 + , and the reaction is 


AgClo + 2NH 3 - Ag(NHa) 2 + + Cl- 
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(d) Finally, to the solution in (c) add a few drops of 0.1 M KI 
solution. Write the formula of the precipitate formed and give 
the equation for the reaction. (NH 3 is one of the products formed.) 

(e) Explain how the reactions involved in (a), (b), (c) and (d) are 
consistent with the arrangement of the equilibria listed in Table 16. 

(f) On the basis of the results of these experiments, devise an 
experiment to confirm the relative position of Ag 2 S in Table 16. 

3. When NH 4 OH is added slowly to a solution of AgN0 3 , 
Ag 2 0 is precipitated but is found to be soluble in an excess NH 4 OH. 

(a) Devise an experiment to show that excess NH 4 + is not 
responsible for dissolving the oxide. (Note: The precipitated 
oxide must be filtered and washed with water before test is 
applied.) (Several washings are necessary) 

(b) Devise an experiment to show that OH™ ion is not re- 
sponsible for this effect. 

(c) What substance in NH 4 OH solution other than NH 4 + and 
OH' is responsible for dissolving the Ag 2 0? 

4. Add a few crystals of NH 4 N0 3 to 1 ml. of 0.1 M AgN0 3 
solution and then add an excess of 1 M NH 4 OH solution drop by 
drop. No precipitate of Ag 2 0 is produced in this experiment. 

(a) How does the addition of NH 4 + ion (NH 4 N0 3 ) effect the 
concentration of the OH™ ion? 

(b) Explain why Ag 2 0 is not precipitated, whereas it would 
precipitate if NH 4 N0 3 had not been added. 

5. ( NOTE. If desirable this experiment may he deferred until 
the chapter on complex ions has been considered.) 

To 20 drops of 0.1 M AgN0 3 solution in a test tube add 20 
drops of 1 M NH 4 OH and to the mixture add .02 M NaCl solution 
drop wise until a permanent precipitate of AgCl first appears. 
Record the number of drops of NaCl solution added. 

(a) What is the final volume of the mixture? 

(b) Assuming that practically all the Ag + ion is converted to 
Ag(NH 3 ) 2 + ion, and that an inappreciable amount is removed by 
the Cl™ ion, what is the concentration of the Ag(NH 3 ) 2 + ion in 
the final solution? 

(c) Neglecting the amount of Cl™ ion that is removed as AgCl, 
what is the concentration of this ion in the final solution? 

(d) If no NH 3 had combined with Ag + ion what would be the 
concentration of NH 3 in the final solution? (a 6 AT NH 4 OH solu- 
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tion is the same as a 6 M NH 3 solution). The actual concentration 
of uncombined NH 3 in the final solution is the value just calculated 
for the total NH 3 minus 2 times the concentration of the Ag(NH 3 ) 2 + 
ion. Why? 

(e) Knowing that (Ag+) (Cl") must be equal to 1.56 X 10" 10 
(solubility product) and knowing the concentration of Cl" ion 
from (c) calculate the concentration of the uncombined Ag + ion 
in the final solution. 

(f) The Ag(NH 3 ) 2 + ion dissociates as follows: 

Ag(NH 3 ) 2 + = Ag + + 2NH 3 

and the equilibrium expression is 

(Ag + ) (NH S ) 2 

(Ag(NH 3 ) 2 + ) 

From the values of (Ag + ), (NH S ) and (Ag(NH 3 ) 2 + ) determined in 
(e), (d) and (b) respectively, calculate the numerical value of 
Jv eq . Compare your value with that given in Table 40 of the 
Appendix. 

6. Devise an experiment to show that Pb(OH) 2 is amphoteric. 

7. (a) Add 1 ml. 0.1 M Pb(N0 3 ) 2 solution to 2 ml. water and 
to this solution add 20 drops of 3 M HC1 to precipitate PbCl 2 . 
Filter the solution and by means of the capillary syringe wash 
the crystals with 1 ml. of boiling water. Collect the washings 
and cool by placing the test tube in cold water. Explain. 

(b) To the latter mixture (crystals and solution) add 2 drops 
1 M K 2 CrOi solution. Write an equation for the reaction. Which 
is the more soluble, PbCl 2 or PbCrCh? From Table 17 predict 
whether H 2 S would convert the PbCr0 4 into PbS. 

8. (a) To about 1 ml. of 0.1 M Hg 2 (N0 3 ) 2 solution add 10 drops 
of 6 M HC1 solution. 

(b) To about 1 ml. of 0.1 M Hg(N0 3 ) 2 solution add 10 drops of 
6 M HC1 solution. Note the difference in the two experiments. 

9. (a) Add 1 small drop of metallic mercury to 1 ml. of 0.1 M 
Hg(N0 3 ) 2 solution and heat. 

(b) Add a few drops of HC1 solution to solution (a). What is 
the evidence that a reaction took place between Hg and Hg ++ 
in (a)? 

(c) Filter solution obtained in (b) and to the filtrate add a few 
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drops of S11CI2 solution. What is the evidence that the reaction 
in (a) was not complete? 

(d) Write equations to express the reactions of (a) and (b) 
and (c). 

10. Add a few drops of 1 M NH 4 OH to 1 ml. of 0.1 M HgCl 2 
solution and observe the precipitate. Write an equation for the 
reaction. 

11 . Prepare a small quantity of freshly precipitated Hg2Cl2 and 
to its suspension in water add a few drops of 1 M NH 4 OH solution. 
Observe any changes which take place. Give an equation for 
the reaction. 

12 . Add a large excess of 1 M NaOH solution to 

(a) 1 ml. of 0.1 M Hg 2 (NOs)2 solution 

(b) 1 ml. of 0.1 M Hg(N 0 3 )2 solution. 

(c) Write equations to express the reactions which take place 
in (a) and (b). 

(d) What important conclusion may be drawn from the results 
of these two experiments? 

13 . Construct a table similar to the following, listing the 
changes which take place when AgCl, PbCl 2 and Hg 2 Cl 2 are sub- 
jected to the reagents: 

(a) Hot water 

(b) NH4OH solution 

(c) NaOH solution 

(d) NaOH solution in excess 

(The effect of the first reagent is given in the outline below as 
an example.) 


Reagent 

AgCl 

PbCU 

Hg 2 Cl 2 

Hot water 

no effect 

dissolves 

no effect 

NH4OH 




NaOH 




NaOH in excess 





14 . On the basis of the results of the above experiments and 
your knowledge of the chemical properties of Ag + , Pb ++ and Hg 2 ~ H_ 
ions, outline two procedures for the precipitation, separation and 
identification of these ions. 
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The Analysis of the Silver Group 
SCHEMATIC OUTLINE 


Add 6 M HCl 

Precipitate: PbCl 2 , Hg 2 Cl 2 , AgCl 

Treat with hot water (B) 

Solution: Pb ++ 
Add 6 M HAc 
and 1 M K 2 Cr0 4 

Residue: AgCl, Hg 2 Cl 2 

Pour 6 M NH 4 OH through the filter 

Precipitate: 

PbCr0 4 

(yellow) 

(B-l) 

Black residue on 
filter: 

Hg + Hg(NH 2 )Cl 

(B-2) 

Solution: 

Ag(NH 3 ) 2 + 

Add 6 M HNO s 

Precipitate: 

AgCl (B-3) 


Note 1 . In the analysis of the silver group it is not advisable to use the 
centrifuge. Filtering is more convenient for the required operations. 


B. Precipitation of the Silver Group. Obtain a sample of a 
solution of an unknown from the laboratory instructor and to 
3 ml. of it add 10 drops of 6 M HC1 from a medicine dropper, with 
constant shaking. If no precipitate appears, it is evident that 
Ag + , Pb ++ , and Hg 2 ++ ions are absent. In the event of the 
formation of a precipitate, pour the contents on a filter supported 
by a 40 mm. funnel. Test the filtrate for completeness of pre- 
cipitation by adding 1 drop of 6 M HC1. If a precipitate appears 
add 2 more drops of 6 M HC1 2 and pour through the filter contain- 
ing the precipitates. 3 

Note 2. A slight excess of HCl is added to precipitate the chlorides of this 
group for the following reasons: 

(a) the common ion effect insures more complete precipitation , 

(b) the precipitation of BiOCl and SbOCl is prevented , and 

(c) the possibility of colloidal suspensions of the chlorides is lessened. 

Note 3. The addition of a very large excess of HCl is to be avoided. With 
very large Cl ion concentrations the soluble complex chlorides of silver and 
lead will be formed. 


B-l. Test for Pb++ Ion. Place about 25 ml. of distilled water 
in a beaker and heat to boiling. Gently lift the filter paper cone 
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which contains the precipitates out of the funnel. Slowly pour 
about one-half of the water through the funnel to heat it, discard- 
ing this water. Quickly place the filter paper back into the funnel. 
Place a test tube under the stem of the funnel and with the 
aid of the capillary syringe, add 2 ml. of hot water to the pre- 
cipitate. 

Add to the solution first 1 drop of 6 M acetic acid and then 1 
drop of 1 M K2Cr0 4 solution. A yellow precipitate of PbCr0 4 
shows the presence of Pb ++ ion. 

To confirm PbCr0 4 , dissolve this precipitate by adding a few 
drops of 6 M NaOH solution to the suspended PbCr0 4 . If neces- 
sary separate by filtration any undissolved residue and to the 
filtrate add acetic acid to reprecipitate PbCr0 4 . 4 

The precipitate remaining on the filter may contain AgCl and 
Hg 2 Cl 2 , and if Pb ++ ion has been found present, an additional 
quantity may be still left on the filter. To remove the greater 
part of Pb ++ ion from the filter, add 2 more ml. of hot water and 
discard the washings. 

Note 4. The NaOH solution containing the plumbite ion is neutralized 
with HAc rather than HCl to prevent too high a H+ ion concentration which 
in turn would prevent the precipitation of lead chromate. 


B~2. Test for Hg 2 4 " f Ion. Now treat the residue on the filter 
paper with 10 drops of 6 M NH 4 OH solution and collect the liquid 
which passes through the filter in a small test tube. Label this 
B-3 and reserve for Ag + ion test. If the residue on the filter 
becomes decidedly black, the presence of Hg 2 ++ ion is strongly 
indicated. The black residue is the result of the formation of 
the white ammono-basic salt, Hg(NH 2 )Cl, and black metallic 
mercury. 5 

Note 5. If there is any doubt about the presence of Hg 2 ++ ion , it may be 
confirmed in the following manner: 

Transfer the precipitate to a small evaporating dish or casserole. Treat 
with 10 drops of aqua regia and heat the mixture carefully over a free flame 
until the excess aqua regia is removed and the residue appears for the most 
part to be dissolved. Then add about 5 drops of water and finally 2 drops of 
SnCk solution. A white or gray precipitate confirms the presence of Hg 2 ++ 
ion in the original solution. 


B-3. Test for Ag + Ion. The filtrate B-3 reserved for the de- 
tection of Ag + ion is treated with 6 M HN0 3 added drop by drop 
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until the solution is acidic. A white precipitate of AgCl shows 
Ag + ion to be present . 6 

Note 6. If the amount of silver ion present in the solution is very small, 
as compared with that of the mercurous ion, and if the filtration is slow, the 
Ag(NHs)% + ion may be reduced to free silver according to the equation, 

2Hg + 2Ag(NH 3 ) 2 + + 2C1- = Hg 2 Cl 2 + 2Ag + 4NH 3 

and be retained on the filter. It is not very probable that all the silver would be 
retained in this way. If the final test for silver is very doubtful, then dissolve 
the black precipitate in 6 M HNOz and add a few drops of 1 M HCl. The 
silver will precipitate from the nitric acid solution as AgCl. The mercury 
will be in the form of HgCh which is soluble. 


Equations for Pertinent Reactions 
Ag+ + Cl- = AgCl ( „ 

Hg 2 ++ + 2C1- = Hg 2 Cl 2(f) 

Pb++ + 2C1- = PbCl 2(t) 

Pb++ + CrOr- = PbCr0 4W 

PbCr0 4(s) + 30H- = HPb0 2 - + Cr0 4 ” + H 2 0 

HPbOo- + Cr0 4 — + 3H+ = PbCr0 4(s) + 2H 2 0 

Hg 2 Cl 2( „ +2NH S = Hg ( ,) (black) + Hg(NH 2 )Cl + NH 4 + + Cl~ 

AgCl w + 2NH 3 = Ag(NH 3 ) 2 + + Cl" 

Ag(NH 3 ) 2 + + Cl" + 2H+ = AgCle, + 2NH 4 + 


CHAPTER XIII 


THE COPPER-ARSENIC GROUP 

jj g ++ pb ++ , Bi +++ , Cu ++ and Cd ++ Ions; As +++ , As +++++ , St> +++ , 

’ Sb +++++ , Sn++ and Sn ++++ Ions 

The copper-arsenic group of ions is precipitated by hy- 
drogen sulfide in dilute (0.2-0.3 M) HC1 solution. This 
procedure serves to separate these ions from those of sub- 
sequent groups. If the concentration of the hydrogen ion 
is too great, the sulfides of cadmium and lead will fail to 
precipitate, and some of the other more soluble sulfides may 
likewise fall into this category. On the other hand, if the 
concentration of the hydrogen ion is too small, considerably 
lower than 0.2 M, zinc, nickel and cobalt sulfides will pre- 
cipitate if the corresponding ions are present. 

The H+ ion regulates the concentration of the S ion 
when H 2 S is passed into the solution. The higher the con- 
centration of the H+ ion, the lower the concentration of the 
S — ion, as may be readily seen by an examination of the 
following equilibrium for a saturated solution of H 2 S. 

(H+) 2 (S — ) = 1.1 x 10- 23 

If the concentration of the H + ion is maintained at 0.3 M, 
it follows from the above expression that the concentration 
of the S — ion in such a solution is approximately 1.2 X 10~ 22 
mole per liter. This condition is favorable for the precipita- 
tion of the sulfides of the copper-arsenic group. 

After the su l fides have been precipitated they may be 
separated according to the differences in solubility they 
show with various reagents. These differences in solubility 
may be explained by a consideration of the equilibria between 
the sulfides and their respective ions. (MS represents any 
metal sulfide of the group.) 
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MS 


(s) 


M++ 

1 


+ 


s- 

I 


(16) 


+ S“ + X- + H+ + N0 3 - + H+ 

I _ i 1 xx'a 

amphoteric complex S (s) H 2 S 

sulfide ion 

(4) (3) (2) (1) 

The above general equilibrium may be shifted to the right 
(MS dissolved) either by the removal of the M ++ ion or 
the S — ion. This may be accomplished in four different 
ways as indicated in equation (16). 

(1) If MS is not too insoluble, H + ion alone suffices. 

(2) If MS is very insoluble, H+ and NO-r (or aqua regia) 
are necessary. Free sulfur is formed in this case. 

(3) M ++ may form a very stable complex ion with X - 
(X - may represent CN~). This method is not generally 
applicable. 

(4) If M ++ forms an amphoteric sulfide, (NH^S or 
(NH 4 ) 2 S* will dissolve the MS. The sulfides of arsenic, 
antimony and tin behave in this way. 

Bismuth Ion, Bi +++ . Bismuth forms two series of com- 
pounds in which the valence state of the bismuth atom is 
plus three and plus five respectively. Very little is known 
about compounds of bismuth in the plus five state since they 
are relatively unstable. Hence, our attention will be devoted 
entirely to the chemistry of the bismuth ion, Bi +++ . The 
salts of this ion are readily hydrolyzed in water, with the for- 
mation of basic salts or the hydroxide of bismuth. The 
latter is a moderately weak base. In addition to the hy- 
droxide, the oxalate, phosphate and iodate of bismuth are 
very slightly soluble in water. 

The chloride, bromide, iodide, nitrate and sulfate of bis- 
muth hydrolyze forming the corresponding basic salts. 


Bi+++ + Cl- + H 2 0 = BiOCl w + 2H+ 


(17) 
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The oxychloride is quite insoluble but since the reaction is 
readily reversible an excess of H+ ion serves to keep the 
bismuth chloride in solution. The other salts named above 
behave in a similar manner. 

Although BiOCl is only slightly soluble in water, H 2 S 
precipitates bismuth sulfide. 

2BiOCl(s> + 3H 2 S = BbS^ + 2H+ + 2C1 _ + 2H 2 0 (18) 

The equilibrium predominates to the right, indicating that 
a saturated solution of Bi 2 S 3 furnishes fewer Bi +++ ions than 
a saturated solution of the oxychloride. All other normal 
salts as well as basic salts of the Bi +++ ion behave similarly, 
in the presence of H 2 S or of solutions containing appreciable 
amounts of S ion. 

Bismuth sulfide is insoluble in cold solutions of dilute 
acids but dissolves in boiling dilute HN0 3 as well as in hot 
concentrated HC1. 

Bi 2 S 3(s) + 2NO,- +8H+ -2Bi++++3S w +2NO +4H 2 0 (19) 

The sulfide is practically insoluble in solutions of (NELi) 2 S 
or of (NH 4 ) 2 S x . This property serves to distinguish bismuth 
from the ions of the arsenic group. 

White bismuth hydroxide, Bi(OH) 3 , is precipitated by al- 
kali hydroxides from solutions containing Bi +++ ion. When 
the solution is heated a yellow dehydration product, BiO(OH) 
is formed. Bismuth hydroxide is not appreciably soluble in 
excess alkali, thus it possesses no amphoteric properties and 
accordingly bismuthites are unknown. This property dis- 
tinguishes bismuth from tin and antimony. Bismuth hy- 
droxide also fails to dissolve in NH 4 OH solution, which is 
evidence that the Bi+++ ion does not form a complex with 
NH 3 , whereas Cu ++ and Cd++ ions do. In fact, Bi +++ ion 
forms only a very few complex ions. One example worthy of 
mention is the BiLr ion which is produced when Bil 3 is 
present with excess I~ ion in solutions not too strongly acid. 
The complex ion imparts a yellow color to the solution and 
acts as a delicate test for bismuth. 
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One of the best characteristic tests for the Bi +++ ion is its 
reduction to metallic bismuth by sodium stannite. 

2Bi++++3Sn0 2 — + 60H- =2Bi (s) +3SnO s — +3H 2 0 (20) 

Copper Ion, Cu++. Copper is not a very electropositive 
element; it occupies an intermediate position, below hydro- 
gen, in the oxidation-reduction series of the elements. It 
forms two series of compounds, cuprous and cupric, in which 
the valence states of the copper atom are plus one and plus 
two respectively. In general, cuprous salts are found to be 
quite insoluble and show a marked tendency to change to 
the cupric condition. In the presence of air their solutions 
are readily oxidized to the cupric state. Consequently, cu- 
prous salts are of relatively little importance in the identi- 
fication of copper. 

The Cu ++ ion in water solution is characterized by its 
blue color, the character of which changes with the con- 
centration of the Cu ++ ion. This property is probably due 
to a change in the extent of hydration of the ion. Cupric 
salts are sufficiently hydrolyzed to produce excess H+ ions 
in water solution; consequently, cupric hydroxide in solu- 
tion must be a moderately weak base. 

Cupric ion shows a distinct tendency to unite with certain 
other ions and molecules to form complex ions. In addition, 
many cupric salts show a limited solubility in water. The 
more important equilibria involving slightly soluble sub- 
stances and complex ions are listed in Table 20 in order of 
decreasing concentration of cupric ion. 


TABLE 20 

Equilibria Involving Cupric Ion 

c5 


Cj Sh 

<5 o 
o w 

a + 
O ^ 

.a o 

8 g 
<0 o 


Cu++ + 2I0 3 - 
Cu++ + C2O4-- 
Cu++ + CrO*- 
Cu++ + 20H- 
Cu++ + 4NH 3 
Cu ++ + S— 


= Cu(I0 3 ) 2w 
= CuCgChf*) 

= CllCTCX, 

= Cu(OH) 2( .) 
= Cu(NH 3 ) 4 +h 
= CuS w 
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In addition to the above, other slightly soluble cupric salts 
are the oxalate, carbonate, chromate, cyanide, ferrocyanide, 
ferricyanide and phosphate. Their respective positions in 
Table 20 are not known, but it is certain that they would lie 
above CuS. 

Alkali hydroxides precipitate cupric hydroxide from solu- 
tions containing Cu++ ion. The hydroxide is somewhat 
soluble in a large excess of a concentrated solution of the 
reagent, due to the formation of a cuprate ion, HCu0 2 ~. 

Amm onium hydroxide precipitates either basic salts or 
cupric hydroxide from solutions of Cu++ ion. Both are solu- 
ble in an excess of the reagent with the formation of the char- 
acteristic blue cupric-ammonia complex ion, Cu(NH 3 )4 ++ . 

One of the most insoluble compounds of the Cu ++ ion is 
the sulfide. It is readily precipitated from solutions con- 
taining Cu ++ and S“ ions. The sulfide is insoluble in dilute 
acids and alkalies, not appreciably soluble in (NELO 2 S, 
(NHi) 2 S x or Na 2 S solutions, and only very slightly soluble 
in NaA solutions. This distinguishes the Cu++ ion from 
those of the arsenic group (As +++ , Sb +++ and Sn++). CuS 
also is insoluble in 6 M H 2 S0 4 solution, while CdS is readily 
soluble in this reagent. On the other hand, CuS dissolves 
in hot dilute HN0 3 . 

3CuS ( „) +2N0 3 - + 8H+ -3Cu+++2NO +3S (s) +4H 2 0 (21) 

Mercuric sulfide is not appreciably soluble in HN0 3 ; aqua 
regia is required to dissolve it. The Cl - ion present in aqua 
regia combines with the Hg++ ion to form both the weak 
soluble salt, HgCl 2 , and the complex ion, HgCkr. This 
property distinguishes CuS from HgS. Cupric sulfide also 
is soluble in KCN solutions, whereas PbS, Bi 2 S 3 , CdS and 
HgS fail to dissolve in this reagent. 

Cupric ion in the presence of CN~ ion yields cuprous 
cyanide, CuCN, although cupric cyanide is formed as an 
intermediate step. 


Cu++ + 2CN- = Cu(CN) 2(S) 


( 22 ) 
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Cupric cyanide is unstable and decomposes as follows: 

2Cu(CN) 2w = Cu 2 (CN) 2(S) + (CN), (23) 

If an excess of CN~ ion is used, the cupro-cyanide complex 
ion is formed. 

Cu 2 (CN) 2m + 4CN- = 2 Cu(CN) 3 (24) 

The over-all reaction may be written 

2Cu ++ + 8CN~ = 2 Cu(CN) 3 + (CN) 2 (25) 

The cupro-cyanide complex ion is exceedingly stable and 
thereby furnishes fewer Cu + ions than any other cuprous 
compound. 

Cupric ferrocyanide, reddish-brown in color, is a very 
insoluble salt which serves as a sensitive test for the Cu ++ 
ion. Its formation may be represented by 

2Cu ++ + Fe(CN) 6 = Cu 2 Fe(CN)6 (S ) (26) 

This salt is insoluble in dilute acids but soluble in solutions 
of NELiOH. The latter reaction indicates that the cupric- 
ammonia complex ion furnishes fewer Cu++ ions than does 
the saturated solution of Cu 2 Fe(CN) 6 . 

Some of the more important equilibria involving the 
cuprous ion are given in Table 21, in which the order as 
expressed is that of decreasing concentration of cuprous ion. 


TABLE 21 

Equilibria Involving Cuprous Ion 


1 g 

2Cu+ + 2C1- 

— Cu 2 Cl 2 ( S ) 

o + < 

2Cu+ + 2Br- 

= Cu 2 Br 2w 

U Q 
tJQ <*_ 

2Cu+ + 2CNS- 

= Cu 2 (CNS) 2W 

.s ° 

*2 a 

2Cu+ + 21- 

= Cu 2 I 2W 

as a 
a .2 

o 4-5 

2Cu+ + S— 

= Cu 2 S( S ) 

(h 

Q ^ 

. Cu+ + 3CN- 

= Cu(CN) 3 


Cadmium Ion, Cd ++ . Although cadmium exhibits a va- 
lence of one as well as of two in its compounds, those of the 
former are extremely rare and we shall therefore confine our 
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attention entirely to the chemistry of the Cd ++ ion. Many 
cadmium salts are insoluble or very slightly soluble in water; 
the soluble salts of the ion are the nitrate, chlorate, nitrite, 
thiosulfate, acetate, chloride, bromide, iodide and sulfate. 
Cadmium ion shows a marked tendency to form complex 
ions with halide and other ions. Very little is known 
concerning the strength of cadmium hydroxide as a base. 
Cadmium salts are not extensively hydrolyzed, thus one 
might predict that in solution the hydroxide is a moderately 
strong base. However, since many of the salts exist in water 
solution in the form of complex ions, it is difficult to make 
any exact statements regarding this point. The halides of 
Cd++ ion like those of Hg ++ are weakly ionized in solution. 

The more important equilibria involving the Cd ++ ion 
are given in Table 22. 

TABLE 22 

Equilibria Involving Cadmium Ion 


O + 

og 

to 

•S o 
§ a 


Cd++ + 2CN- 
Cd++ + 4NH 3 
Cd++ + CA“ 
Cd++ + 4CN- 
Cd++ + S— 


= Cd(CN), w 
= CdfNHah-n 
= CdC*0 4( .> 

= Cd(CN) 4 — 
= CdS (S ) 


Other slightly soluble compounds of Cd++ ion which might 
be included in the above table are the thiosulfate, thio- 
cyanate, iodate, carbonate, chromate, phosphate and hy- 
droxide. The relative positions of these compounds are 
unknown but may be readily determined by experiments. 

Alkali hydroxides precipitate cadmium hydroxide from 
solutions containing Cd ++ ion; the precipitated hydroxide 
is not soluble in an excess of the alkali. Therefore Cd(OH) 2 
does not exhibit any amphoteric properties and in this re- 
spect cadmium is distinguished from the arsenic group. 

Ammonium hydroxide also precipitates Cd(OH) 2 which 
is found to be readily soluble in an excess of the reagent 
with the formation of the cadmium-ammonia complex ion, 
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Cd(NH 3 ) 4 ++ . This reaction distinguishes cadmium from 
lead and bismuth of the copper group. 

Cd(OH) 2w + 4NH S = Cd(NH 3 ) 4 ++ + 20H- (27) 

Cadmium sulfide (yellow) is formed when H 2 S is passed 
into solutions of Cd ++ ion that are not too strongly acid. 
Alkali sulfides produce a similar effect. Since CdS furnishes 
fewer Cd ++ ions than any other cadmium compound, as 
I Table 22 demonstrates, it is evident that the sulfide is not 

| soluble in NBuOH, NaOH, KOH and KCN solutions. How- 

ever, it is soluble in solutions of high H + ion concentration. 
Dilute, hot nitric acid accomplishes the same purpose by 
oxidizing the sulfide to free sulfur. 

3CdS< s) +2N0 3 - +8H+ = 3Cd++ +2NO +3S (s) +4H 2 0 (28) 

Cyanide ion precipitates cadmium cyanide, 

Cd++ + 2CN- = Cd(CN) 2w (29) 

which is soluble in an excess of the reagent, due to the 
formation of cadmium cyanide complex ion. 

Cd(CN), w + 2CN- = Cd(CN)“ (30) 

Since Cd(CN) 4 — ion falls above CdS in Table 22, H 2 S 
passed into solutions containing this complex ion precipitates 
cadmium sulfide. 

Cd(CN) 4 — + H 2 S = CdS (s) + 2CN~ + 2HCN (31) 

It will be recalled that this is not the case when H 2 S is passed 
into solutions of the cupro-cyanide complex ion. 

Arsenous Ion and Arsenic Ion. The element arsenic 
forms two series of compounds in which it exhibits valences 
of plus three and plus five respectively. The hydroxides of 
the element in both valence states are decidedly acidic in 
character and show very little basic properties. Both acids 
are comparatively weak, arsenous acid being much weaker 
than arsenic acid. (The ionization constant for the first 
stage of ionization of arsenous acid, H 3 As0 3 , has a value of 
2.1 x 10— s , while that of arsenic acid, H 3 As0 4 , in the first 
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stage of ionization, is 4.5 x 10~ 3 .) Accordingly, both arse- 
nous and arsenic salts are readily hydrolyzed in water. The 
common salts of the element are the arsenites and arsenates. 
Solutions of the acids as well as the salts of these acids con- 
tain very small, but appreciable amounts of As +++ and 
^g+++++ ions respectively in equilibrium with the corre- 
sponding acid, anions. 

Arsenic shows a marked tendency to form amphoteric 
sulfides in both valence states; i.e., thioarsenites and thio- 
arsenates. Since both antimony and tin behave in a similar 
manner, whereas the ions of the copper group differ in this 
respect, advantage is taken of this difference for the analyti- 
cal separation of the two groups of ions. 

Arsenous oxide in water solution forms the amphoteric 
hydroxide, As(OH) 3 , 

AS2O3 (5) + 3H 2 0 = 2As(OH) 3w (32) 

which is in equilibrium with arsenous and arsenite ions, 


H2O+H++ASO2-: 


As (OH) 3 
H 3 As0 3 


= As++++30H- 


Hence, in the presence of a strong base, the equilibrium is 
shifted to the left and the production of As0 2 _ ion is favored, 
while in the presence of a strong acid the equilibrium is 
shifted to the right with the production of As +++ ion. 

Arsenic oxide is the anhydride of arsenic acid. 

As 2 05( S ) + 3H 2 0 = 2H3ASO4 (34) 

In this solution As +++++ ions are also present, as a result of 
a dissociation process similar to that expressed in equation 
(33) for arsenous acid. 

In general, arsenites and arsenates of the alkali and alka- 
line earth metals are soluble in water ; arsenites and arsenates 
of other positive ions are usually found to be insoluble. 

Arsenous sulfide is precipitated by H 2 S from acid solutions 
of arsenites. 


2As0 2 ~ + 2H+ + 3H 2 S 


+ 4H 2 0 
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Alkali sulfides and (NH 4 ) 2 S likewise precipitate the yellow 
As 2 S 3 which is soluble in an excess of the reagent due to the 
formation of the thioarsenite ion, AsSa • 

As 2 S 3(s) + 3S = 2 AsS 3 — (36) 

Alkali hydroxides also dissolve As 2 S 3 forming arsenites and 
thioarsenites. 

As 2 S 3( ,) + 60H- = AsS 3 — + As0 3 — + 3H 2 0 (37) 

Use is made of the solubility of sulfides of arsenic in am- 
monium polysulfide to separate arsenic, together with anti- 
mony and tin, from the copper group ions. In this reaction 
As 2 S 3 is oxidized to the pentavalent state. 

As 2 S 3(s) + 3S 2 = 2AsS 4 + S w (38) 

Arsenic sulfide, As 2 S 5 , is formed by passing H 2 S into 
strongly acid solutions of arsenic acid. 

2H 3 As0 4 + 5H 2 S = As 2 S 5(s) + 8H 2 0 (39) 

This reaction is relatively slow in cold solution. Since H 2 S 
tends to reduce the pentavalent arsenic to the trivalent state, 
the precipitate contains a mixture of As 2 S 3 and As 2 S 5 . By 
increasing the temperature and the concentration of the H+ 
ion of the solution, the formation of As 2 S 3 is favored. Like 
arsenous sulfide, arsenic sulfide is readily dissolved by alkali 
hydroxides and also by alkali sulfides. 

As 2 S 5 ( S) + 3S = 2AsS 4 — (40) 

Hot concentrated HN0 3 dissolves both As 2 S 3 and As 2 S 3 . 

As 2 S 3(s) + 10N0 3 - + 10H+ 

= 2H 3 As0 4 + 3S ( «) + 10NO 2 + 2H 2 0 (41) 

As 2 S5(«) + 10NO 3 - + 10H+ 

= 2H 3 As0 4 + 5S W + 10NO 2 + 2H 2 0 (42) 

Stannous chloride reduces all compounds of arsenic in hot 
concentrated HC1 solution to metallic arsenic. 

2As +++ + 3Sn++ = 2As (s) + 3Sn ++++ 

Antimony compounds are not reduced by Sn++ ion. 


( 43 ) 
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Magnesium salts in the presence of NH 4 CI and NH 4 OH 
precipitate from solutions of arsenates, MgNBLiAs 04 • 6H 2 0, a 
white crystalline compound which is readily soluble in acids. 

As0 4 — + Mg ++ + NBU+ = MgNH 4 As0 4( <o (44) 

Ammonium molybdate, in HN0 3 solution warmed to 
g0-70°, gives with a solution of an arsenate a yellow precipi- 
tate of ammonium arsenomolybdate, (NH 4 )3As0 4 • 12Mo0 3 . 
This precipitate is very similar in appearance and properties 
to ammonium phosphomolybdate, except that the latter 
precipitates from cold solutions. Arsenites do not give a 
precipitate with ammonium molybdate. 

Small amounts of arsenic may be readily detected by 
means of the Marsh test which involves the reduction of 
arsenic compounds by a highly electropositive element, such 
as zinc, to arsine, AsH 3 , and the subsequent decomposition 
of the gas to metallic arsenic. The latter appears in the 
exit tube of the apparatus as a metallic mirror. The re- 
actions which take place in the test are the following: 

As 2 0 3(s) + 6Zn (s) + 12H+ = 2AsH S(ff) + 6Zn++ + 3H 2 0 (45) 

or H 3 As0 4 + 4Zn (s) + 8H+ = AsH 3 to) + 4Zn++ + 4H 2 0 (46) 

and 2AsH 3(ff ) =2As (S ) + 3H 2(ff ) (47) 

Another test for arsenic is the reduction of Ag+ ion by AsH 3 
to metallic silver. 

6Ag+ + AsH 3(0) + 3H 2 0 = 6Ag (s) + H 3 As0 3 + 6H+ (48) 

Antimonous Ion and Antimonic Ion. As in the case of 
arsenic, antimony exists in two valence states, plus three 
and plus five. However, since antimony falls below arsenic 
in the fifth group of the periodic table, it is more electro- 
positive than arsenic. Thus, the hydroxides of antimony 
are more basic than those of arsenic although both are 
amphoteric. Accordingly, antimonites and antimonates may 
be formed but they are rather extensively hydrolyzed in 
water solution. Even as bases, the above hydroxides are 
weak and their salts are highly hydrolyzed; strong acids 
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must be added to their solutions to prevent the basic salts 
from precipitating. 

Antimonous and antimonic oxides, Sb^ and Sb 2 Os, be- 
have very much like the corresponding oxides of arsenic, 
the small differences being due to the more basic character 
of the former. 

Solutions of alkali hydroxides, ammonium hydroxide, or 
alk ali carbonates, when added to solutions containing Sb+++ 
ion, precipitate the white hydrated antimonous oxide, 
Sb 2 0 3 • H 2 0, which in solution undoubtedly forms some 
metantimonous acid, HSb0 2 . 

2HSb0 2 = Sb 2 0 3( ,) + H 2 0 (49) 

The oxide is decidedly amphoteric in nature as the following 
equations indicate : 

Sb 2 0 3(8) + 20H- = 2Sb0 2 - + H 2 0 (50) 

Sb 2 0 3(8) + 6H+ = 2Sb+++ + 3H 2 0 (51) 

Thus, the oxide is soluble in strong bases with the production 
of Sb0 2 - ion, and is soluble in strong acids forming Sb+++ ion. 

The halides of antimony are readily hydrolyzed in water 
solution, with the formation of basic salts. 

SbCU + H 2 0 = SbOCl(s) + 2H+ 4- 2C1~ (52) 

The reaction is reversible so that the addition of HC1 to 
the solution will dissolve the basic salt; in other words, 
shift the equilibrium to the left. In a saturated solution of 
SbOCl there are sufficient Sb +++ ions so that the addition 
of H 2 S will precipitate Sb 2 S 3 . Antimonous sulfide may be 
precipitated from any solution containing Sb +++ ions pro- 
vided the H+ ion concentration is not too great. 


2Sb+++ + 3H 2 S = Sb 2 S 3W + 6H+ (53) 


Sb 2 S 3 is soluble in moderately strong HC1 solutions (re- 
versal of above equation) due to the fact that a saturated 
solution of the sulfide furnishes sufficient S — ions to 
form H 2 S. 
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Like arsenous sulfide, Sb 2 S 3 is soluble in (NH 4 ) 2 S X with 
the formation of the thioantimonate ion, SbS 4 • 

Sb 2 S 3(s) + 3S 2 — = 2SbS 4 + S w (54) 

If the thioantimonate solution is treated with HC1, a pre- 
cipitate of Sb 2 S 5 and some free sulfur is formed. The sulfur 
produced in this reaction is due to the decomposition of the 
polysulfide ion. 

2SbS 4 + 6H+ = Sb 2 S5(s> + 3H 2 S (55) 

and S 2 — + 2H+ = H 2 S + S w (56) 

Since antimony falls below iron in the oxidation-reduction 
series of the elements, the latter will reduce Sb+ ++ ion to 
metallic antimony in acid solution. 

2Sb +++ + 3Fe cs) = 2Sb (S ) + 3Fe ++ (57) 

From moderately strong acid solutions of Sb - * - "*""*""*”*’ ion, 
H 2 S precipitates antimonic sulfide, Sb 2 S 3 , which is redis- 
solved by the addition of concentrated HC1 with the pro- 
duction of Sb +++ ion. 

2Sb +++++ + 5H 2 S = Sb 2 S 5 ( S ) + 10H+ (58) 

An oxidation-reduction reaction takes place which involves 
the reduction of the Sb 2 S 6 to the Sb+++ ion and the oxidation 
of the S— ion to free sulfur. 

Sb 2 S 5(8 ) + 6H+ = 2Sb +++ + 2S W + 3H 2 S (59) 
Antimonic sulfide resembles Sb 2 S 3 in that it is soluble in 
solutions of (NH 4 ) 2 S or (NH 4 ) 2 S X , as well as in solutions of 
the alkali sulfides. The product of the reaction is the 
thioantimonate ion, SbS 4 . 

Sb 2 S 6(s) + 3S— = 2SbS 4 — (60) 

Antimony gives the Marsh test through the procedure 
commonly used for arsenic. However, the antimony mirror 
which is obtained is not soluble in NaOBr solution, while 
the arsenic mirror dissolves readily. 

Stannous Ion, Sn ++ — Stannic Ion, Sn ++++ . Tin is an 
element of the fourth group of the periodic table and oc- 
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cupies a position between germanium and lead. Like both 
of these elements, tin forms two series of compounds which 
exhibit valences of plus two and plus four respectively; the 
former are known as stannous compounds and the latter, 
stannic. Since the hydroxides corresponding to both valence 
states, namely Sn(OH) 2 and Sn(OH) 4 , are amphoteric, stan- 
nite ion, Sn0 2 ~, and stannate ion, SnO”, are readily 
formed in alkaline solution. In acid solution Sn ++ and 
g n ++++ ions are present. All four types of tin compounds 
undergo hydrolysis in aqueous solution. 

Stannous chloride combines with water to form a hydrate, 
SnClo • 2H 2 0. However, in water solution hydrolysis occurs 
with the formation of a basic salt. 

Sn ++ + Cl" + H 2 0 = Sn(OH)Cl CS ) + H+ (61) 

In order to prevent hydrolysis, it is necessary to add an 
excess of HC1 to the solution as the above equilibrium 
indicates. 

A solution of SnCl 2 after exposure to the atmosphere is 
found to contain considerable amounts of Sn ++++ ion due to 
the oxidation of the Sn ++ ion by oxygen. 

2Sn ++ + 0 2 + 4H+ = 2Sn ++++ + 2H 2 0 (62) 

However, oxidation may be prevented here by the addition 
of metallic tin to the solution. 

g n ++++ + Sn (s) = 2Sn ++ (63) 

Solutions of alkali hydroxides, ammonium hydroxide or 
of alkali carbonates give with Sn++ ion a white precipitate 
of Sn(OH) 2 (in the acid form, H 2 Sn0 2 ). 

Sn++ + 20H- = Sn(OH) 2(s) (H 2 Sn0 2 ) (64) 

The equilibrium involving both stannous and stannite 
ions may be expressed by 

H+ + HSn0 2 - = ( S 1 ! 0 ? 2 ) - Sn++ + 20H~ (65) 

( H 2 Sn0 2 J (J) 

Thus, a strong base shifts the equilibrium to the left with 
the production of HSn0 2 ~ ions, while a strong acid shifts 
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the equilibrium to the right favoring the production of 
Sn++ ions. 

From solutions of Sn++ ion containing H+ ion at moderate 
concentration, stannous sulfide (brown) is precipitated by 

HsS ' Sn++ + H 2 S - SnS (S ) + 2H+ (66) 

SnS is soluble in concentrated HC1, practically insoluble in 
solutions of (NH^S, which distinguishes Sn++ ion from 
As +++ , Sb +++ and Sn ++++ ions, but is readily soluble in 
hot (NH 4 ) 2 S s solution with the formation of thiostannate 

10a ‘ SnS( S ) + S ~ = SnS 3 - (67) 

Mercuric chloride solution oxidizes Sn++ ion to Sn ++++ ion. 

Sn ++ + 2HgCl 2 *= Hg 2 Cl 2(8) + Sn ++++ + 2C1~ (68) 

If an excess of Sn ++ ion is used in this reaction, further 
reduction of the Hg 2 Cl 2 takes place to form metallic mercury. 

Sn++ + Hg 2 Cl 2(s) «= 2Hg (s) + Sn++++ + 2C\~ (69) 

Stannic hydroxide does not exist as such in the solid state. 
The partially hydrated oxide, H 2 Sn0 3 , known as alpha 
stannic acid, may be produced by the action of sodium hy- 
droxide on stannic chloride solutions. The beta form, which 
is better known as metastannic acid, results from the action 
of strong HNOa on metallic tin. The former is readily 
soluble in acids and bases giving a series of salts known as 
normal or alpha stannic compounds. Metastannic acid does 
not dissolve in acids but when heated for a short time with 
concentrated HC1, a compound is formed which is soluble 
in water. The compositions of these compounds are not 
definitely known. 

Alpha stannic acid (or dehydrated stannic hydroxide) is 
decidedly amphoteric. 

H 2 Sn0 3(8) + 20H- - Sn0 3 “ + 2H 2 0 (70) 

H 2 Sn0 3( .) + 4H+ = Sn++++ + 3H 2 0 (71) 
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Prom acid solutions H 2 S produces a yellow precipitate of 
stannic sulfide, SnS 2 * Under some conditions of precipita- 
tion this sulfide forms colloidal solutions. This may be 
prevented or minimized by the addition of a salt and by 
heating. SnS 2 dissolves readily in 6 M HC1 with the 
liberation of H 2 S. It is likewise soluble in (NH 4 ) 2 S solutions 
with the formation of the thiostannate ion, SnSs . 

SnS 2(s) + S = SnS 3 — (72) 

SnS 2 is distinguished from SnS by its solubility in (NH 4 ) 2 S 
solution. The higher valence compound is more acidic in 
character and therefore shows a greater tendency to form 
the corresponding amphoteric ion. SnS is soluble in (NH 4 ) 2 S X 
solution, in which reaction it is oxidized to the tetravalent 
state. 

Preliminary Experiments 

1. Mix 1 ml. of 0.1 M solutions of each of the following salts: 
Pb(N0 3 ) 2 , Hg(N0 3 ) 2 , Cu(N 0 3 ) 2 and Cd(N0 3 ) 2 . To the mixture 
in a saturating flask add H 2 S until the solution is saturated. 
Collect the precipitates on a small filter and by means of the 
capillary syringe wash with a small amount of water. Pour 2 ml. 
of 6 M HC1 (hot) over the precipitate. Pour the washings over 
the precipitate again and then add sufficient NH 4 OH to the acid 
solution to neutralize it. Make the solution 0.2 M in B + ion by 
adding the correct amount of HC1. Pass H 2 S gas into the latter 
solution and note the result. Explain. 

2. Prepare 10 ml of each of the following HC1 solutions: 6 M, 
2 Mj 0.2 M, .02 M and .002 M. In making the dilutions use 
the medicine dropper to measure 1 ml. portions and a graduate 
for larger volumes. (For example, to make 10 ml. of .002 M. 
HC1, add 1 ml. of .02 M solution to the graduate and dilute with 
water to 10 ml.) Add 2 ml. of each of the above HC1 solutions 
to 2 ml. of each of the following salt solutions: 0.1 M CuS0 4 , 
0.1 M CdS0 4 and 0.1 M ZnS0 4 . Thus, the resulting solutions 
(15 in all) contain H + ion at a concentration of one-half that of 
the original solution, and the positive metal ion at a concentration 
of .05 M. Pass H 2 S gas into each of these solutions and note the 
appearance and the color of any precipitate which may form. 



3. Prepare the following Pb(N0 3 )2 solutions: (a) .01 M, by 
adding 9 ml. of water to 1 ml. of 0.1 M Pb(N0 3 )2; (b) .001 M, by 
adding 9 ml. of water to 1 ml. of solution (a) ; (c) .0001 M, by adding 
9 ml. of water to 1 ml. of solution (b); (d) .00001 M, by adding 
9 ml. of water to 1 ml. of solution (c); and (e) .000001 M, by 
adding 9 ml. of water to 1 ml. of solution (d). Saturate 3 ml. 
of each of these solutions with H 2 S and note the limiting concen- 
tration which gives a distinctly visible precipitate. (Note: Very 
finely divided suspensions appear as colored solutions.) The con- 
centration of the S — ion in these solutions is approximately 
1 X 10“ 15 M. From the X S . P . for PbS (7 X 10“ 30 ) calculate the 
minimum concentration of Pb ++ that should give a precipitate 
provided a supersaturated solution of PbS is not formed. Com- 
pare this calculated value of (Pb ++ ) with that corresponding to 
the limit of visibility determined above. 

4. In the chart on page 340 the ions of the copper-arsenic group 
are listed horizontally and a number of reagents vertically. In 
the blank spaces provided in a similar chart made in your note- 
book give the products of the reactions when the given reagent 
is added drop by drop to a solution of the ion in question. If the 
product is a precipitate, indicate this fact by denoting the solid 
phase as, for example, CuS (5) . Indicate the color of all precipitates 
and solutions containing new products. If the reaction does not 
give a precipitate but produces new ions, indicate these in the 
appropriate places. If no reaction takes place as far as you can 
ascertain, write no reaction . From your knowledge of the chemical 
properties of these ions, fill in as many blank spaces as possible 
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Record your observations in a chart similar to that given below. 
Explain the results on the basis of the ionization of H 2 S in acid 
solution and the solubilities of the different sulfides. 
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without carrying out the experiments. If you are not familiar with 
the reaction in question perform an experiment to obtain the desired 
information. 


Reagent added 

Hg ++ 

Pb ++ 

Bi +++ 

Cu++ 

Cd ++ 

As+++ 

Sb +++ 

Sn ++ 

Sn +++ 

6 M NaOH 










6 M NaOH in 

excess 










3 M NH 4 OH 










3 M NH4OH 
in excess 










0.1 M NaCl 










H 2 S in 0.3 M 











5. The sulfides of the copper-arsenic group are listed hori- 
zontally and reagents vertically, in the following chart. Indi- 
cate in the appropriate space in a similar chart in your notebook 
whether the given reagent will dissolve the sulfide. Also give the 
formula of any new substances formed in the reaction. Perform 
experiments only if necessary. 




HgS 

PbS 

Bi‘>Ss 

CuS 

CdS 

AS2S3 

Sb 2 S 3 

SnS 

SnS 2 

0.3 M HC1 










Dilute HNO3 










Aqua regia 










(NH 4 ) 2 S 










(NH 4 ) 2 Ss 











6. BiCl 3 is hydrolyzed in water solution to the basic salt, BiOCL 
Devise and perform an experiment to show that the reaction is 
reversible. 
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7 Devise and carry out experiments to verify the order of 
CuCA, Cu(OH) 2 , Cu(NH 3 ) 4 ++ , and CuS in Table 20. 

8 To 2 drops of 0.1 M Pb(N0 3 ) 2 solution add 3 drops of 0.1 M 
(NELhSCh solution to precipitate PbS0 4 . To the solution con- 
taining the precipitate add 3 M NH 4 Ac solution, drop by drop, 
until the PbS0 4 dissolves. Lead acetate is very soluble. What 
conclusions can you draw regarding the extent of ionization of 
Pb(Ac) 2 in solution? Now add to the solution about 10 drops of 
1 M (NH 4 ) 2 S0 4 solution to reprecipitate PbS0 4 . Explain. 

9. To 5 drops of 0.1 M SnCb solution add 1 ml. of water and 
saturate with H 2 S. Brown SnS is precipitated. Add to the sus-' 
pension an equal volume, about 1 ml., of 15 M NH 4 OH and again 
saturate with H 2 S. Note that the brown SnS does not dissolve. 

To 5 drops of 0.1 M SnCl 2 solution add 1 ml. of water and then 
add 2 drops of 3% H 2 0 2 solution. Warm gently. Saturate the 
solution with H 2 S ; a yellow precipitate appears. Now add to the 
suspension an equal volume of 15 M NH 4 OH and saturate with 
H 2 S, if necessary. The precipitate is found to dissolve. Explain 
the results of these two experiments. 

10. To a small test tube containing 12 drops of 0.1 M Cu(N0 3 ) 2 
solution and 12 drops of 0.1 M Cd(N0 3 ) 2 solution add enough 
water to make the total volume 3 ml. Add 6 drops of 6 M HU 
solution and then saturate the solution with solid NIT 4 C1. Pass 
H 2 S into the solution, centrifuge, and divide the centrifugate into 
two equal portions. To one portion add 1 ml. of 2 M NaAc solu- 
tion. To the other portion add 10 volumes of water. In each case 
a precipitate is obtained. Explain what happens in each step of 
this experiment. (Note: Cd++ ion in the presence of large 
amounts of Cl“ ion forms a complex ion, presumably having the 
composition, CdCl 4 — . For every CdCl 4 ion which dissociates, 
one Cd ++ ion and four Cl - ions are produced.) 

11. To 12 drops of 0.1 M arsenic test solution add 2 ml. of 
water, 3 drops of 6 M HC1, 1 drop of 1 M NH 4 I, and heat the solu- 
tion to boiling. Saturate the solution for several minutes with 
H 2 S. Centrifuge or filter. If centrifuged, add 1 ml. of water to 
the precipitate in the test tube; if filtered, transfer the precipi 
tate on the filter paper to a 10 ml. test tube with 1 ml. of water 
Now add 2 ml. of 6 M NaOH solution. Place a few drops of 
0.1 M AgNOs solution on a piece of filter paper large enough to 
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cover the mouth of the test tube. Have ready a very small piece 
of absorbent cotton. Now add a few granules of metallic alumi- 
num to the test tube containing the solution, place the absorbent 
cotton into the mouth of the test tube, and cap the test tube with 
the piece of filter paper wet with the AgN0 3 solution. Heat the 
solution very gently to start the reaction between the aluminum 
and the NaOH solution. In the course of a minute or two the 
filter paper will turn black. Aluminum reacts with NaOH solu- 
tion with the liberation of hydrogen. In the presence of trivalent 
arsenic, arsine is also produced. When the arsine gas comes in con- 
tact with the AgN0 3 on the filter paper, the Ag + ion is reduced to 
metallic silver. Equations for the reactions are 

2A1 + 20H~ + 2H 2 0 = 2A10 2 - + 3H 2 

As 2 S 3(s) + 90H“ = 2As0 3 + 3H 2 0 + 3HS - 

As0 3 + 2A1( S ) + 2H 2 0 = 2A10 2 “ + AsHa^) + OH - 
6Ag+ + AsHsw + 3H 2 0 = 6Ag (s) + H 3 As0 3 + 6H+ 

12. To each of three test tubes add 2 drops of 0.1 M SnCl 2 
solution. To one of these add 2 ml. of water, to the second add 
1 ml. of water and 1 ml. of 12 M HQ, and to the third add 2 ml. 
of 12 M HC1. Now add 2 drops of 0.1 M HgCl 2 solution to each 
of these three solutions, and allow them to stand for a minute or 
two. Write the equations for the reactions involved in the forma- 
tion of Hg 2 Cl 2 and metallic mercury. Postulate an explanation 
for the inhibiting effect of the high Cl~ ion concentration present 
in the second and third tubes. (Ammonium chloride produces the 
same effect as the HC1.) 

13. Place 2 drops of 0.1 M SbCl 3 solution in a small test tube 
and add 10 drops of water. Make the solution alkaline with 6 M 
NH 4 OH solution and then add 6 M HAc until just acidic. (Do 
not be concerned about the fact that the precipitate does not dis- 
solve in the HAc.) Add 1 drop of 6 M HAc in excess. Heat the 
solution almost to boiling and drop into it a few small crystals of 
Na 2 S 2 0 3 , sodium thiosulfate. Note the formation of the orange- 
red antimony oxysulfide at the interface. 
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Procedure for the Analysis of the Copper-Arsenic Group 

SCHEMATIC OUTLINE 


Solution: Cu ++ , Hg ++ , Bi +++ , Cd + \ Pb ++ , HsAsO*, HaAsOs, H 3 Sb04, Sb ++ +, Sn + 
and Sn ++++ . 


Make 0.3 M in H + ion — Add 3% H 2 0 2 — Heat — Add 1 M NH*I — Add H 2 S — Cool - 
Add H 2 S. 

(C-D) 


Precipitate: CuS, HgS, Bi 2 S 3 , CdS, PbS, As 2 S 3 , Sb 2 S 3 , SnS 2 . 
Treat with 15 M NH 4 OH, 6 M NH 4 OH and H 2 S. 

(C-D-l) 


Residue: CuS, HgS, Bi 2 S 3 , CdS, PbS. 
Treat with 6 M HNO 3 . 

(C) 


Residue: 

HgS. 

Dissolve in aqua 
regia. 

Add 0.1 M SnCl 2 . 
(C-l) 


Precipitate: 
Hg 2 Cl 2 and Hg. 


Solution: Bi +++ , Cd ++ , Pb ++ , 
Cu ++ . 

Add concentrated H 2 SQ 4 . 
Evaporate. 


Ppt.: 
PbS0 4 . 
Add 3 M 
NH 4 Ac. 
Add 1 M 
K 2 Cr0 4 . 
(C-2) 


Ppt.: 

PbCr0 4 . 


Solution: 

Bi +++ , Cd ++ , Cu + + 
Add 15 M NH 4 OH. 
Blue color of 
Cu(NH 3 > 4 ++ indicates 
Cu ++ . 

(C-3) 


Ppt.: 

Bi(OH)s. 

Add 

Na 2 Sn0 2 

Solution. 

(C-4) 


Ppt.: 

Bi. 

(black) 


Solution: 
Cd(NH 3 ) 4 ++ , 
Cu(NH 3 ) 4 + + 
Add 6 M 
HQ. 

Add NH 4 C1. 
Add H 2 S. 
(C- 6 ) 


Ppt. : 
CuS 


Solution 
CdCl4" 
iAdd 2 M 
NaAc. 
Add 
H 2 S. 


Ppt.: 

CdS. 

(yellow) 


Solution: 

AsS 3 , SbS 3 , SnS 3 “ 

Add 12 M HC1. 

(D) 


Residue: 
As 2 S 3 . 
Add 6 ilf 
NaOH 
and Al. 
(D-l) 


Black 

ppt. 

with 

AgN0 3 . 

Test for 
arsenic. 


Solution: 

Sb +++ , Sn ++++ . 


Evaporate. 
Introduce 
iron wire. 
Add 0.1 M 
HgCb. 
(D- 2 ) 


Ppt.: 
Hg 2 Cl 2 
and Hg. 
Test for 
tin. 


Add 6 M 
NH 4 OH. 
Add 6 M 
HAc. 
Add 
solid 
Na 2 S 2 03. 
(D-3) 


Red 
color. 
Test for 
Sb. 
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Obtain a sample of an unknown from the laboratory instructor. 
In this sample each unknown ion is present at a minimum con- 
centration of about .02 mole per liter. Reserve a part of this 
solution to make any tests }mu see fit (other than adding H 2 S), 
to obtain preliminary information as to which ions may be present 
(Preliminary Experiment #4 will be of assistance here). If the 
original solution is alkaline and clear, it cannot contain Hg ++ 
and Bi +++ ions. If the solution is alkaline and clear and NH 4 OH 
is absent, then Hg + +, Bi +++ , Cd ++ , and Cu ++ ions are not present. 
Why? 

C-D. Precipitation of the Copper- Arsenic Group. Test the 
solution with litmus paper * 1 to determine whether it is neutral, 
acidic, or alkaline. If acidic, add 5 drops of 3% H 2 0 2 2 to 3 ml. 
of the solution in a 25 ml. Erlenmeyer flask, heat to boiling and 
then add 15 M NH 4 OH drop by drop until the solution gives 
an alkaline reaction with litmus paper. Test the solution for 
alkalinity after the addition of each drop. Add 6 M HC1 drop 
by drop until the solution is acidic to litmus (this will not re- 
quire more than two or three drops). Now add one drop of 
6 M HC1 for each ml. of solution. The solution should be 0.3 M 
with respect to hydrogen ion. 3 

If the original solution is alkaline, add 6 M HC1 drop by drop 
until just acidic and then add one drop of 6 M HC1 for each ml. 
of solution. Now add the 5 drops of H 2 0 2 and heat to boiling. 

Add one drop of 1 M NH 4 I solution. 4 (Do not be disturbed 
if a precipitate appears either at this point or when NH 4 OH is 
added.) Heat the solution to boiling and saturate for one minute 
with H 2 S according to the procedure described on page 279. Heat 
to boiling again, and again saturate with H 2 S for another minute 
(even with iodide ion present the precipitation of arsenous sulfide 
may be slow) . Cool the solution under the tap and saturate with 
H 2 S once more. 5 


Pour the solution into a 10 ml. test 
tube; wash out the Erlenmeyer flask 
with 1 ml. of water, and add to the orig- 
inal solution in the test tube. Centri- 
fuge for one minute. Decant the solu- 
tion into the 25 ml. Erlenmeyer flask 


Pour the solution over 
a previously prepared fil- 
ter. Wash the Erlen- 
meyer flask with 1 ml. of 
water and also pour this 
through the filter, adding 


* All notes indicated by superior numbers are to be found at the end of 
their respective sections. 
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(which has in the meantime been 
cleaned). If the solution which is de- 
canted contains a small amount of sul- 
fide which, because of surface tension, 
has not settled during the centrifuga- 
tion, it should be passed through a filter 
before pouring into the Erlenmeyer 
flask. Test this solution with methyl 
violet paper (see note 3). Adjust the 
H + ion concentration if necessary to 
0.3 M by adding a drop or two of 3 M 
NH 4 OH. 6 Again pass H 2 S into the cold 
solution to test for completeness of 
sulfide precipitation. 7 If precipitation 
is not complete saturate again with 
H 2 S and add this solution to the test 
tube containing the previously precipi- 
tated sulfides and centrifuge again. 
When precipitation is complete discard 
the supernatant solution after centrif- 
ugation. To the sulfides left in the 
bottom of the 10 ml. test tube after 
centrifugation add 2 ml. of water. 
Wash down the side of the test tube 
with an additional ml. of water. Stop- 
per the test tube and shake to bring the 
sulfides into suspension. Centrifuge or 
filter again and discard the supernatant 
wash water. 8 ’ 9 Wash again. Add 1 ml. 
of 15 M NH4OH to the precipitate in 
the 10 ml. test tube. 


Note 1. In making tests with litmus , dip a thin glass rod into the solu- 
tion to be tested and press the end of the rod against the paper. 

Note 2. The II 2 Q 2 is added to bring about the oxidation of Sn ++ ion to 
Sn ++++ ion. SnS forms a gelatinous precipitate which is dissolved only in 
(NH^zS*, while SnS 2 is readily soluble in this reagent. By converting Sn ++ 
ion to Sn + + ++ ion it is possible to use (NHD 2 S instead of {NH^iS^ in sepa- 
rating the arsenic from the copper group. This procedure has two distinct 
advantages: (1) CuS is retained practically completely in the copper group , 
and (2) the objectionable later precipitation of free sulfur together with the 
sulfides is eliminated. 

Note 3. If the ions of weak adds ( such as acetate ) are present it is ad- 
visable to determine and adjust the H + ion concentration to 0.8 M by means 


this wash water to the 
previously filtered solu- 
tion. Test this solution 
with methyl violet paper 
(see note 3). Adjust the 
H + ion concentration if 
necessary to 0,3 M by 
adding a drop or two of 
3 M NH4OH. 6 Again 
pass H 2 S into it to test 
for completeness of pre- 
cipitation. If the precip- 
itation is not complete, 7 
pour the solution in the 
Erlenmeyer flask over 
the previously filtered 
precipitate in the filter 
and discard the filtrate. 
Wash the precipitate sev- 
eral times using 2 ml. of 
water each time. 8 ’ 9 Dis- 
card the wash water. 
Puncture a hole in the 
apex of the filter and 
with the capillary syr- 
inge wash the precipitate 
into a 10 ml. test tube 
with 1 ml. of 15 M 
NH4OH. 
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of methyl violet paper. To determine the color of methyl violet which corre- 
sponds to 0.3 M make a solution of 3 drops of 6 M HCl in 3 ml. of water and 
use this solution as a standard for comparison. If no methyl violet paper is 
available it may be made by “chalking” a piece of filter paper with an in- 
delible pencil , wetting it with water and then drying it high over the Bunsen 
burner. 

Note 4. The precipitation of arsenic add as A $ 2 $5 is a slow one while 
the predpitation of arsenous add as AsA is rapid. The iodide ion reduces 
the arsenic add to arsenous add and allows the predpitation to take place 
relatively rapidly. The iodine formed in this reaction is reduced to the iodide 
ion by the ff$S and can then react again with more arsenic add. The iodide 
ion is therefore a catalyst for the predpitation of AsSz from, arsenic add. 

Note 5. The predpitation of CdS is much faster in a cold solution. 

Note 6. ff + ion is produced when the sulfides are predpitated. 

M++ + H 2 S = MS (s) + 233 + 

Note 7. Free sulfur is usually formed when H 2 S is passed into the add 
solution. The original unknown or test solution may contain NOz~ ion 
which in add solution reacts with II 2 S to form sulfur . 

3H 2 S + 2NOs~ + 2H + = 3S (s) + 2NO + 4H 2 G 

Note 8. If Cl~ ion is carried over with the predpitate when washing is 
insuffident , it will interfere in the separation of HgS from the other sulfides 
later. HgS is not soluble in HNOz but it will dissolve in HNOz if Cl~ is 
present. 

Note 9. If a colloidal suspension is formed add 1 ml. of 5 M NHJSfOz 
to it or to 3 ml. of distilled water and use this solution for washing. 

C-D-l. Separation of the Arsenic Group from the Copper 
Group. To the suspension obtained from C-D add 6 M NH 4 OH 
to make a total volume of about 3 ml. Now allow H 2 S to pass 
through this solution for two minutes. In carrying out this opera- 
tion use a glass tube drawn to a fine tip, connect this tube to the 
hydrogen sulfide generator and insert the tip into the test tube 
(see page 281) . After saturating with H 2 S, heat the solution gently 
but do not boil. Centrifuge or filter and reserve the supernatant 
liquid which contains the dissolved sulfides of arsenic, antimony, 
and tin. Label this supernatant liquid D. 

Add 3 ml. of water to the precipitate Wash the precipitate 
C in the test tube. Shake to obtain a C in the filter with 3 ml. 
suspension and centrifuge discarding of water and discard the 
the supernatant wash water. Repeat wash water (see note 9). 
the washing (see note 9). Add 1 ml. Wash the precipitate into 
of water to the precipitate. a 10 ml. test tube with 

1 ml. of water. 
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€. Separation of HgS. To the suspended copper group sul- 
fides C add an equal volume of 6 M HN0 3 . Heat the mixture 
to boiling for three minutes. (It will be recalled that HgS does 
not dissolve in dilute HN0 3 while all other sulfides of the copper 
group dissolve readily. However, if chloride ion remains with 
the precipitate, dilute aqua regia will be formed upon the addi- 
tion of the nitric acid and mercury may dissolve. It was for this 
reason that the precipitate had to be washed thoroughly.) Cool 
the solution and centrifuge or filter. The residue may contain 
HgS and free sulfur, and may also contain undissolved sulfides. 10 
Pour the supernatant liquid into (or collect the filtrate in) another 
10 ml. test tube and label it C-2. 

With the aid of a pointed Puncture a hole in the filter 
glass rod transfer the globule of paper and wash the residue into 
free sulfur back to the test tube a 10 ml. test tube with 1 ml. of 
which may contain the HgS. 15 M NH 4 OH. Saturate the 
Add 1 ml. of 15 M NH 4 OH. solution with H 2 S. If necessary 
Saturate the solution with H 2 S. agitate the globule of sulfur to 
If necessary agitate the globule bring it into solution. Any im- 
of sulfur to bring it into solu- bedded sulfides will not dissolve, 
tion. Any imbedded sulfides Filter if necessary and discard 
will not dissolve. Centrifuge the filtrate. Wash with 3 ml. 

if necessary and discard the of water twice and filter again, 

supernatant liquid. Wash twice discarding the wash water, 
with 3 ml. of water, centrifuge, Puncture a hole in the filter and 
and discard the wash water, wash the residue into a 10 ml. 

Add 10 drops of water and 10 test tube with 1 ml. of water, 

drops of 6 M HN0 3 . Heat to Add 1 ml. of 6 AT HN0 3 . Heat 

dissolve residual copper group to dissolve the residual copper 
sulfides other than HgS. Cen- group sulfides other than HgS. 
trifuge. Decant the solution, Filter the solution combining 
combining it with C-2. Any the filtrate with C-2. Any 
residue may now contain HgS, residue may contain HgS, free 
free sulfur, or both. 11 sulfur, or both. 11 

Note 10. The free sulfur formed in this reaction may imbed into it an 
appreciable amount of the sulfides which will then be protected against the 
action of the HNOz. The sulfur must therefore be separated from the sulfides 
and the residual sulfides again treated with this reagent 

Note 11 . A black residue is not in itself sufficient evidence for the pres- 
ence of mercury. The specific test for Hg ++ ion should be made. Nor does a 
white residue indicate the absence of mercury. With more concentrated HNOz 
a white insoluble double salt of mercuric nitrate and mercuric sulfide is formed. 
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C-l. Test for Hg++ Ion. The residue from C which may con- 
tain HgS is to be dissolved in aqua regia and this solution is to 
be tested for the presence of Hg++ ion. 


To the precipitate in 
the 10 ml. test tube add 
2 drops of 15 M HN0 3 
and 10 drops of 12 M 
HC1. 


Puncture a hole in the filter paper 
and wash the precipitate into a 10 ml. 
test tube with 1 ml. of cold 12 M HC1. 
To the solution add 4 drops of 15 M 
HN0 3 . 


Heat to boiling and agitate with a stirring rod until the greater 
part of the residue is dissolved. Add 1 ml. of water, centrifuge 
or filter, if necessary, and then transfer the supernatant liquid 
or filtrate to a small casserole. Evaporate the solution over an 
open flame ( use hood ) until only 2 or 3 drops of liquid remain. 12 
(Do not evaporate to dryness; HgCl 2 is volatile.) Add 1 ml. of 
water and transfer the solution to a small test tube. Filter, if 
necessary. Add 2 or 3 drops of 0.1 M SnCl 2 solution. If Hg++ 
ion is present a white precipitate of Hg 2 Cl 2 will appear which 
will turn gray or black due to the further reduction of the Hg 2 Cl 2 
to metallic mercury. 


Note 12. A high Cl~ ion concentration inhibits the reaction between Sn ++ 
and HgCU. Therefore it is necessary to remove the greater part of the HCl 
before this test is made. (See Preliminary Experiment 12.) 


C-2. Test for Pb++ Ion. Transfer the filtrate C-2 to a small 
casserole and add 8 drops of 6 M H 2 S 04 - Evaporate the solution 
until white, dense fumes of S0 3 appear. 13 These fumes are not 
to be confused -with steam. They will appear only when there 
is practically no liquid left in the casserole. Cool well, and very 
cautiously add 1 ml. of water. 14 After cooling, pour the solution 
into a 10 ml. test tube; rinse the casserole with 0.5 ml. of water, 
and add the wash water to the solution. If a finely divided white 
precipitate of PbS0 4 appears, centrifuge or filter. Pour the super- 
natant liquid into another test tube and label it C-3. (If filtered, 
label the filtrate C-3.) Wash the precipitate with 0.5 ml. of 
water, centrifuge or filter, and add the wash water to C-3. Do 
not allow any PbSCh to be carried over into solution C-3. 


To the precipitate in the test tube 
add 1 ml. of 3 M NH 4 Ac solution and 


Dissolve the precipi- 
tate on the filter paper 


ANALYTICAL PROCEDURE 


349 


heat. If a precipitate still appears in 
the solution, centrifuge and discard the 
residue. 


with 1 ml. of hot 3 M 
NH 4 Ac solution. Use 
the capillary syringe. 


Add 2 drops of 1 ill K 2 Cr0 4 to the clear solution. A yellow 
precipitate of PbCr0 4 confirms the presence of Pb ++ ion. This 
precipitate should be centrifuged or filtered to be sure that it is 
yellow. Any white precipitate in the yellow test solution, which 
might have appeared inadvertently because of a previous error, 
might be mistaken for a yellow precipitate if the solution is not 
centrifuged or filtered. 


Note 13 . The purpose of heating until dense SOz fumes appear is to 
make certain that all HNOz has been removed . PbSO 4 does not precipitate 
in the presence of HNOz. The nitric acid is distilled from the solution just 
before the white fumes appear. Both the NOz~ ion and excess H + ion inter- 
fere with the precipitation of PbSOi. With large II + ion concentration 
H SO f is formed and the concentration of SOf ~ is consequently diminished. 
Furthermore, lead nitrate is a relatively weak salt. Therefore in HNOz solu- 
tion both the Pb ++ ion and SO 4 ion are present in relatively low concen- 
trations. 

Note 14. Except when dealing with very small quantities, water should 
never be added to concentrated H2SO4; rather H2SO4 is added to water. When 
adding water to H2SO4 the water may run down the side of the vessel below the 
surface of the H2SO4. Then the large amount of heat evolved may cause the 
rapid evaporation of the unmixed water and give rise to an explosion. 


C-3. Test for Cu ++ Ion. To solution C-3 add 15 M NH 4 OH 
solution drop by drop until alkaline. If copper is present, a deep 
blue color is obtained. If this is the case, add a few drops of 
NH 4 OH in excess to be sure that the copper hydroxide first formed 
is dissolved with the formation of Cu(NH 3 ) 4 ++ ion. Shake well 
while adding NH 4 OH. The deep blue color is sufficient evidence 
for the presence of Cu ++ ion. This solution which may contain 
a precipitate is to be labeled C-4. 

€-4. Test for the Bi +4 " f Ion. If a precipitate appears 16 when 
NH4OH is added in the test for Cu ++ ion (a deep blue color 
may obscure the precipitate), centrifuge or filter the solution. 
Label the clear supernatant solution or filtrate C-5 and save for 
the test for Cd ++ ion. Add 3 ml. of water to the test tube; shake 
and centrifuge or filter again. Discard the washings. Repeat 
the washing 16 and again discard the wash water. 





350 


THE COPPER-ARSENIC GROUP 


Now pour on the precipitate in the 
test tube a freshly prepared cold solu- 
tion of sodium stannite, Na 2 Sn0 2 , 17 
and heat. . If bismuth is present, a 
black precipitate of metallic bismuth 
will appear. Allow to stand for five 
minutes if the black precipitate does 
not appear immediately. 


Pour a cold freshly 
prepared solution of sodi- 
um stannite, Na 2 Sn0 2 17 
over the precipitate on 
the filter paper. A black 
color on the filter indi- 
cates the presence of bis- 
muth. 


Even though copper is absent and the solution is “water-white ” 
Ht/if ) z precipitate may be so slight that it is not easily recognized. There- 

fore the confirmatory test for bismuth with sodium stannite should be made in 
an cases . 

<„v, N0T f inter f eres with the reaction between NadSnOi solu- 

^l md Bl{ ~ 0H) *- Th ?refore a thorough washing of the precipitate is neces- 
sary. 

to 2mTJ 7 ni M NflsSnOs solution add 6 M NaOH drop by drop 

to 4 ml. of 0.1 M SnCh solution until the precipitate of Sn(OH) 2 which first 

be™pal USt f SSOlVeS ' The final solution Probably will not be clear but till 


C-5. Test for Cd++ Ion. If Cu++ ion is present in the solu- 
tion proceed as follows. To the solution C-5 contained in a 10 ml 
test tube add 6 M HC1 dropwise until the solution is just acidic. 

vT a S ° f 6 M HCI in excess ' Saturate the solution 

with solid NH 4 C1. Decant and saturate the solution with H 2 S 
Filter (do not centrifuge), and discard the precipitate which is 
uJ 0 the solution add 1 ml. of 2 M NaAc solution. When 

Tnfa ^b COnW f t f ation is sufficient] y tow a yellow precipitate 
of CdS will form if Gd++ ion is present. 7 * If no precipitate appears 
saturate again with H 2 S. No . yellow precipitate indicates the 
absence of Cd ion in the original solution. 

If Cu++ ion is not present, merely add 6 M HCI dropwise to 
S0 U , tl ™ C “f ™ td i<; is i usfc acidic. Saturate the solution with 
solid NH4CI. Add 1 ml. of 2 M NaAc and saturate with H 2 S. 
A yellow precipitate of CdS indicates the presence of Cd ++ ion 
m the original solution. 18 

rr ,ri°-- £ I h \ M ? h Cl ~ T concent ration in this solution forms the 

£ihe CdS t f enn , g f im eventration to such an extent 

that the CdS is not precipitated if the H+ ion concentration is O.S M or 

greater. As the H ion concentration is lowered by the addition of NaAc 
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solution the S~ ~ ion concentration increases sufficiently to precipitate the CdS. 
If Pb ++ ion is not completely removed by the H 2 SO 4 treatment (C-2) one 
might expect some PbS to precipitate with the CdS. However , Pb ++ ion also 
forms complex ions with both Cl~ and Ac~ ions and does not precipitate as 
PbS in this solution even when the H + ion concentration is lowered to less 
than 10 ~ z M. 


D. Reprecipitation of the Arsenic Group Sulfides and the Sepa- 
ration of As 2 S 3 . Pour the solution D into a 25 ml. Erlenmeyer 
flask. Carefully add 12 M HC1 drop by drop until just acidic, 
stirring after the addition of each drop. Be particularly careful 
when nearing the neutral point. At this point one drop of the 
HC1 may cause a violent evolution of H 2 S. Do not add more 
than one drop of HC1 in excess (SnS 2 is soluble in relatively dilute 
HC1 solution). Near the end-point test the solution for acidity 
as each drop of 12 M HC1 is added. 

When the solution is acidic, i.e., after one drop of 12 M HC1 
in excess has been added, transfer the solution and precipitate 
to a 10 ml. test tube. Use 10 drops of water to wash out the 
Erlenmeyer flask and add this to the transferred solution. Cen- 
trifuge or filter and discard the supernatant liquid or filtrate. 
Wash the precipitate with 3 ml. of water and discard the wash 
water. 

Drain the test tube 
■well from excess water. 

Add 2 ml. of 12 M HC1 
and heat gently for two 
minutes. Do not boil. 

Centrifuge the solution; 
pour the supernatant 
liquid into a test tube 
and label it D-2. 

The test D-l is to be made with the residue, which should be 
yellow if it consists only of AS2S3. 

D-l. Test for Arsenic. In this test any AS2S3 is converted into 
AsH 3 which in turn reacts with AgN0 3 solution to produce black 
metallic silver. 


With a pointed glass rod puncture a 
hole in the bottom of the filter and with 
2 ml. of 12 M HC1 wash the precipitate 
into a test tube (use the capillary syr- 
inge for this operation). Heat gently 
for two minutes. Do not boil. Add 
1 ml. of H 2 0 and filter the solution and 
label the filtrate D-2. 


To the residue from 
D add 1 ml. of water. 


Puncture a hole in the filter paper (from 
D) and using the capillary syringe transfer 
it to a 10 ml. test tube with 1 ml. of water. 
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Add 2 ml. of 6 M NaOH solution. Any As 2 S 3 will dissolve. Wet 
a piece of filter paper, large enough to cover the mouth of the 
test tube, with 0.1 M AgN0 3 solution. Have ready a small piece 
of absorbent cotton. Now add a few small pieces of metallic 
aluminum (pellets, not powder) to the solution; place the cotton 
well into the mouth of the test tube, and then cap the test tube 
with the filter paper, wet with the AgNOs solution. Heat the solu- 
tion gently to initiate the reaction between the aluminum and 
the NaOH solution. If arsenic is present the underside of the 
filter paper will turn a gray or black color 19 due to the free silver 
formed by the reaction between the gas AsH 3 and the AgN0 3 solu- 
tion, 20 (see Preliminary Experiment 11). 


Note 19. Do not carry out this experiment near the H^S generator Ami 
appreciable amount of H,S in the air will also discolor the AgNOs paper. 

Note 20. This test is only applicable to arsenic in the trivalent state 
Antimony m any form will not interfere. 


i -A 


D-2. Test for Tin. Transfer 1 ml. of the solution D-2 to a 
casserole. Label the rest of the solution D-3, and reserve it for 
the antimony test. To D-2 in the casserole add a few r very small 
pieces of fine iron wire 21 and carefully heat the casserole over 
the open flame in the hood until all but a drop or two of the solu- 
tion has evaporated (see note 12). Add 1 ml. of water and pour 
the solution into a small test tube. If a few small pieces of carbon 
(from the wire) or metallic antimony carry over into the test 
tube, do not be concerned; they will not interfere. Add 2 drops 
of 0.1 M HgCL solution. A white or gray precipitate of Hg,Cl, 
and Hg indicates the presence of tin in the original solution. 


. Not* 5 21. The iron reduces the stannic to stannous chloride. The Fe ++ 
ion also formed does not interfere with the test. 


D-3. Test for Antimony. Transfer about 1 ml. of solution 
D 3 to a casserole and evaporate about one-half of it ( use the 

>TTr/vrr T , ranSfer the solution to a sma11 test tube and add 6 M 
JNH4OH dropwise until the solution is just alkaline. Make acidic 
with 6 M HAc. Add 1 drop of 6 M HAc in excess and heat to 
boiling. (Do not be disturbed if a precipitate which appeared 
m this procedure does not dissolve.) Drop into the hot solution 
a small pmch of sodium thiosulfate, Na 2 S 2 0 3 , crystals. A two- 
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phased system will form with the Na^Os in the bottom of the 
test tube and an orange-red colored antimony oxysulfide is pro- 
duced at the interface if Sb +++ ion is present. If no orange-red 
color appears, heat very gently and allow to stand. No red 
coloration at the end of a few minutes indicates that Sb +++ ion 
was not present in the original solution. 

Equations for Pertinent Reactions 

H 2 0 2 + Sn++ + 2H+ = Sn++++ + 2H 2 0 
g n ++++ + 2H 2 S = SnS 2w + 4H + 

2H3ASO3 4- 3H 2 S = As 2 S3(s) 4- 6H 2 0 
2Sb+++ + 3H 2 S = Sb 2 S 3(3 , + 6H+ 

M++ + H 2 S = MS W + 2H+ 

(. M ++ is bivalent metal ion ) 

2Bi +++ 4* 3H 2 S — Bi 2 S3 (S ) 4- till " 

H3ASO4 4- 2I _ + 2H + = I 2 + HsAsCb + H 2 0 
I 2 + H 2 S = 2H+ + 21- + S w 
NH4OH + H 2 S = NH 4 + 4- HS- + H 2 0 
SnS2( S ) 4- 2HS - = SnS 3 + H 2 S 
As 2 S3 W + 6HS- = 2AsS 3 + 3H 2 S 

Sb 2 S 3 ( S ) + 6HS- = 2SbS s + 3H 2 S 

3MS W + 2N0 3 - + 8H+ = 3M++ 4- 2NO + 3S W 4- 4H 2 0 
3HgS( S) 4- 2NO s ~ + 6C1- 4- 8H+ 

= 3HgCl 2 4- 2NO + 3S (s) + 4H 2 0 
2HgCl 2 + Sn ++ = Sn +++ + 4- Hg 2 Cl 2(s) 4- 2C1~ 

Pb++ 4- SO4— = PbS0 4 ( S) 

PbS0 4 ( S ) 4- 2Ac- = Pb(Ac) 2 + SO4-- 
Pb(Ac) 2 4- Cr0 4 — Pb0r04(g) 4- 2Ac 
Cu++ 4 - 4NH 3 = Cu(NH 3 )4 ++ 

Bi+++ 4- 3NH4OH = Bi(OH)i W + 3NH 4 + 

Sn ++ 4- 40H- = Sn0 2 4- 2H 2 0 

3Sn0 2 — 4- 2Bi(OH) 3(s) = 2Bi w 4- 3SnO»~ 4- 3H 2 0 

Cd++ 4- 4C1- = CdCl 4 — 

CdCl 4 — 4- H 2 S = CdS (s) + 2H+ 4- 4C1~ 

SnS 3 + 2H+ = SnS 2(s) + H 2 S 
2AsS 3 4“ 6H+ — As 2 S 3 ( S ) 4- 3U 2 S 
2SbS»— + 6H+ = Sb 2 S 3 ( S ) 4- 3H 2 S 
SnS 2(s) 4- 4H+ = Sn++++ 4- 2H 2 S 
Sb 2 S 3w 4- 6H+ = 2Sb+++ 4- 3H 2 S 
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As 2 S 3( „ + 90H~ = 2As0 3 + 3HS- + 3H 2 0 

AsOs + 2A1 W + 2H 2 0 = 2A10 2 - + AsH 3M + QH~ 

6Ag+ + AsH 3(0) + 3H 2 0 = 6Ag (s) + H 3 As0 3 + 6H+ 

g n ++++ + F e = p e ++ + g n ++ 

Sn++ + 2HgCl 2 = Sn++++ + Hg 2 Cl 2(s) + 2C1~ 

Hg 2 Cl 2( „) + Sn++ = Sn++++ + 2Hg (s) + 2C1~ 

2Sb+++ + 2Na 2 S 2 0 3 + 3H 2 0 

= Sb 2 OS 2 ( 8 ) + 4Na + + 2SO4 + 6H + 


CHAPTER XIV 


THE ALUMINUM-ZINC GROUP 
Al +++ , Cr +++ , Fe +++ , Co ++ , Ni ++ , Fe ++ , Mn ++ and Zn ++ Ions 

The aluminum-zinc group is precipitated in a solution 
which contains ammonium hydroxide, ammonium chloride 
and ammonium sulfide (NH 4 OH + H 2 S). In this procedure 
the hydroxides of A1+++ and Cr +++ and the sulfides of Fe +++ , 
Fe ++ , Ni++, Co ++ , Mn++ and Zn ++ ions are precipitated. 
With the silver and copper-arsenic groups eliminated, no 
other ions precipitate. 

The A1+++, Cr +++ and Fe +++ ions constitute what is com- 
monly called the aluminum group; the other ions make up 
the zinc group. The ions of the aluminum group are tri- 
valent while those of the zinc group are bivalent. The ions 
of the latter group form stronger and more soluble bases 
than those of the aluminum group and, accordingly, their 
salts are hydrolyzed to a smaller extent in water solution. 
Of the members of the zinc group, only zinc hydroxide is 
amphoteric. 

The ions of the aluminum group form very insoluble hy- 
droxides. These ions are appreciably hydrolyzed by water, 
and when treated with solutions of (NH 4 ) 2 S, (NH 4 ) 2 C0 3 or 
Na 2 C0 3 , their hydroxides are precipitated. Both aluminum 
and chromium hydroxides are amphoteric while ferric hy- 
droxide does not display this property. 

Of the alkaline earth group hydroxides, magnesium hy- 
droxide is quite insoluble but it is by no means as insoluble 
as the hydroxides of aluminum and chromium. One might 
predict magnesium hydroxide to be precipitated with alu- 
minum and chromium hydroxides according to the procedure 
indicated above. The precipitation of magnesium hydroxide 
is prevented by the addition of ammonium chloride to the 
precipitating reagent. The effect of the ammonium chloride 
is apparent; the high concentration of NEU+ ion, by the 
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common ion effect, reduces the concentration of the OH - ion 
sufficiently so that the product, (Mg++) (OH~) 2 , is less than 
the solubility product constant. Consequently, a mixture 
of ammonium hydroxide, ammonium chloride and ammo- 
nium sulfide serves to precipitate the aluminum-zinc group, 
thereby separating the ions of this group from those of the 
alkaline earth and alkali groups. 

Aluminum Ion, A1+++. Aluminum shows only one valence, 
plus three, in all its compounds. All the common salts of 
aluminum are colorless and are appreciably soluble in water 
or dilute acid solution. The salts of aluminum show a 
marked tendency to form hydrates and double salts. Since 
aluminum hydroxide is decidedly amphoteric, a series of 
salts is formed in which the aluminum is found as a part of 
the anion, as for example, in the aluminate ion, A10 2 ~. 

Ammonium hydroxide precipitates aluminum hydroxide 
from solutions containing A1+++ ions. 

A1+++ + 3NH 4 OH - Al(OH), (i) + 3NELf + (73) 

Alkali hydroxides likewise precipitate A1(0H) 3 from solu- 
tions of aluminum salts. However, the precipitate is readily 
soluble in an excess of the reagent, with the formation of 
A10 2 - ion. If HC1 is added gradually to the solution con- 
taining the A10 2 ~ ion, Al(OH) 3 is reprecipitated. An excess 
of the acid will again redissolve the Al(OH) 3 . These changes 
are explained by the following equilibrium. (See Chapter 
VIII for a discussion of the properties of amphoteric hy- 
droxides.) 

Al^+SOH-. {^H).} m .H* + A10 ! - + H,0 (74) 

Aluminum hydroxide is only slightly soluble in excess 
NH 4 OH because of the low concentration of OH~ ion in 
this reagent. The addition of NH4CI to the NH 4 OH solu- 
tion reduces the OH - ion concentration and therefore de- 
creases the solubility of AI(OH) 3 . Therefore, to precipitate 
Al(OH) 3 as completely as possible with NH4OH, some 
soluble ammonium salt, such as NH 4 C1, should be added. 
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The presence of the ammonium salt serves another purpose; 
it tends to prevent the formation of colloidal Al(OH) 3 . 

While freshly precipitated Al(OH) 3 dissolves readily in 
solutions of strong bases or strong acids, yet if allowed to 
stand in air or to become partially dehydrated in any 
manner, its solubility in acids changes greatly and very 
often it is found to be difficult to dissolve. However, under 
such conditions, it may be dissolved by prolonged treat- 
ment with hot concentrated acid. This is true of many 
other hydroxides. 

In the precipitation of Al(OH) 3 with NH 4 OH or with any 
of several suitable reagents, substances such as tartrates, 
citrates, oxalates and phosphates must be absent, due to 
the fact that either complex ions may be formed or pre- 
cipitation of some of the ions of the alkaline earth group 
may result. (It is evident that the latter interference 
appears only in the general scheme of analysis, that is, 
when ions of all groups may be present.) The formation of 
a complex ion decreases the number of available A1+++ ions 
and this effect may even prevent the precipitation of 
Al(OH) 3 . Chromium hydroxide and ferric hydroxide be- 
have in a similar manner. Therefore, it is necessary to 
remove organic matter and other interfering ions before an 
attempt is made to precipitate Al(OH) 3 . The removal of 
organic matter may be accomplished by the addition of 
sodium carbonate and sodium nitrate to the solution, by 
subsequent evaporation of the solution to dryness, and igni- 
tion of the residue. The P0 4 — ion may be removed by 
precipitation as FeP0 4 after tests have been made on the 
original solutions for the presence of iron. j? 

Sodium carbonate, BaC0 3 , (NH 4 ) 2 C0 3 and (NH 4 ) 2 S all 
behave alike when added to solutions containing A1+++ ions, 
in that the result in each case is the precipitation of Al(OH) 3 . 

All of these substances undergo extensive hydrolysis with 
the production of OH - ions in quantities sufficient to exceed |,k 

the solubility product constant for Al(OH) 3 . 

C0 3 — + H 2 0 - HC0 3 - + OH- 


(75) 
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S" + H 2 0 = HS- + OH- (76) 

Even the slightly soluble BaC0 3 (X S . P . = 8.1 x 1(H) pro- 
duces sufficient C0 3 ions in its saturated solution that the 
OH ion concentration produced by hydrolysis precipitates 
Al(OH),. 

Aurin tricarboxylic acid (aluminon) forms a red lake with 
Al(OH)a. This is a good confirmatory test for the A1+++ ion. 
Cr(OH) 3 and Fe(OH) 3 behave similarly, but in the analysis 
these hydroxides are separated before this test is applied. 

Chromic Ion, Cr +++ . Chromium shows a valence of plus 
two in chromous compounds, plus three in chromic com- 
pounds, and its valence state in chromates and dichromates 
is plus six. Chromous ion, Cr ++ , is very easily oxidized to 
the chromic condition. The H+ ion in water is sufficient 
to promote this oxidation, though all air be excluded. Con- 
sequently , chromous salts possess little stability and we shall 
have no occasion to deal with them in the analytical pro- 
cedures. 

Chromic ion, Cr +++ , resembles aluminum ion, A1+++, in 
many ways. It is readily hydrolyzed with the formation of 
chromic hydroxide, Cr(OH) 3 , which possesses amphoteric 
properties. For this reason chromic hydroxide is soluble in 
the presence of excess hydroxide ion, forming another series 
of salts known as chromites. 

Cr(OH) 3(s) + OH- = Cr0 2 - + 2H s O (77) 

Chromic sulfate, like aluminum sulfate, forms alums with 
the sulfates of the alkali metals and the ammonium radical. 
Chromic ion, however, differs markedly from A1+++ ion in 
that it shows a pronounced tendency to form many complex 
ions (see Chapter VII of text). The chloride, bromide, 
iodide, sulfate, acetate and nitrate of Cr+++ ion are soluble 
in water; while the phosphate and hydroxide are only 
slightly soluble. The carbonate and sulfide cannot exist in 
water solutions because of hydrolysis. 

Chromate Dichromate Equilibrium. In both chromates 
and dichromates the valence state of the chromium is plus 
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six. The Cr0 4 — ion predominates in basic solution while 
the Cr 2 0 7 — ion predominates in an acid medium. However, 
both ions are always present in solutions as follows: 

2Cr0 4 — + 2H+ = 2HCr0 4 ~ = Cr 2 0 7 — + H 2 0 (78) 

From equation (78) it is evident that an excess of H+ 
ions shifts the equilibrium to the right, thereby producing 
Cr 2 Q 7 — ions, while a strong base removes H+ ions and 
causes the equilibrium to shift to the left with the production 
of Cr0 4 — ions. Considering (78) in two steps, we have 


HCr0 4 


Cr0 4 — + H+ 


(79) 


and 2HCr0 4 - = Cr 2 0 7 — + H 2 0 (80) 

The equilibrium constant for (79) has a value of 7 X 10 -7 
while that for (80) has a value of 60. Multiplying equation 
(79) by two and then subtracting (80), we obtain 

2Cr0 4 — + 2H+ = Cr 2 0 7 — + H 2 0 (81) 

The equilibrium expression is 

(Cr 2 0 7 ) 


(Cr0 4 — ) 2 (H+) 2 


= L=1.2x 10 14 


(82) 


According to the value of the equilibrium constant Cr 2 0 7 — 
ion predominates in solution provided the H+ ion concentra- 
tion is appreciable. If the solution is neutral, H+ concen- 
tration of 1 X 10 -7 , the ratio of the concentration of the 
Cr 2 0 7 — ion to the concentration of the Cr0 4 — ion squared 
is about unity. In a basic medium this ratio is less than 
unity and accordingly Cr0 4 — ion predominates. The ad- 
dition of a metal ion to a solution of a chromate or a di- 
chromate will result in the precipitation of one or the other 
salt, depending upon which is the less soluble and whether 
the solution contains an excess of H+ ions or of OH - ions. 

Ammonium hydroxide, alkali hydroxides, alkali carbon- 
ates, barium carbonate and alkali sulfides precipitate chro- 
mic hydroxide from solutions containing Cr+++ ion. 


Cr+++ + 30H- = Cr(OH) 3(s) 


(83) 
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Like Al(OH) 3 , the Cr(OH) 3 is only slightly soluble in excess 
NH4OH, but in excess cold NaOH or KOH solution it is 
readily soluble, because of its amphoteric properties, with 
the formation of chromite ion, Cr0 2 “ (see equation 77). 
If the alkaline solution containing Cr0 2 ~ ion is heated to 
boiling, a less soluble crystalline form of the hydroxide is 
precipitated. Aluminum hydroxide does not behave in this 
manner ; aluminates are stable in boiling water. 

Chromic hydroxide is also soluble in strong acid solution. 
Cr(OH) 3(s) + 3B> = Cr +++ + 3H 2 0 (84) 

Thus, the complete equilibrium involving Gr +++ and Cr0 2 ~ 
ions is 

Cr+T+ +30H_ = { H 3 Cr0 3 )3 } (a) = H+ +Cr0 2 -+H 2 0 (85) 

The effect of excess acid or base upon this equilibrium is 
apparent in light of previous discussions of similar equilibria. 

Chromic salts when fused with a nitrite or a nitrate and 
alkali carbonate give a soluble chromate. Iron and alu- 
minum salts do not show similar reactions. In alkaline solu- 
tion the oxidation of Cr0 2 ~ ion to Cr0 4 ion may be 
carried out with any of several oxidizing agents, such as 
Br 2 , Cl 2 , Na 2 0 2 , H 2 0 2 and Mn0 4 ~ ion (see Table 14). For 
example, with H 2 0 2 in alkaline solution 

2Cr0 2 ~ + 3HOr - 2Cr0 4 “ + H 2 0 + OH - (86) 

Dichromate ion is easily reduced to Cr+++ ion in acid 
solution. 

Cr a 0 7 - + 3H 2 S + 8H+ = 2Cr+++ + 3S (s) + 7H 2 0 (87) 

In neutral or alkaline solutions Cr(OH) 3 rather than Cr +++ 
ion is formed. 

For the identification of chromium in analysis, the Ci +++ 
ion (or the Cr0 2 - ion) is oxidized to Cr0 4 ~ ion, and Pb++ 
ion is introduced to precipitate PbCr0 4 , a slightly soluble, 
yellow compound. 

Ferric Ion, Fe+++ — Ferrous Ion, Fe++ Iron shows two 
principal valences in its compounds and therefore forms two 
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well known series of salts. The compounds of iron in both 
valence states are of importance in analytical procedures. 
The ferrous salts form green hydrates while the hydrated 
ferric salts are yellow or brown in color. The ferrous ion is 
a strong reducing agent having a marked tendency to go to 
the ferric condition. For this reason, solutions of ferrous 
salts when exposed to air have a tendency to change to the 
higher valence state. 

The Fe ++ ion forms a hydroxide, Fe(OH) 2 , which is 
stronger and more soluble than the hydroxide of the Fe +++ 
ion, Fe(OH) s . Though both Fe++ and Fe +++ ions undergo 
hydrolysis in water solution the effect is decidedly greater 
in the case of the latter ion since it is derived from the 
weaker and less soluble base. Both these ions form double 
salts and basic salts; the formation of the latter class is due 
to partial hydrolysis. Neither the ferrous nor the ferric 
hydroxide possesses any amphoteric properties. Both ions 
are distinguished by their ability to combine with negative 
ions to produce complex anions. 

The acetate, chloride, bromide, iodide, nitrate, thiocyan- 
ate and sulfate of Fe ++ ion are soluble in water, while the 
oxalate, hydroxide, sulfide, carbonate and phosphate of this 
ion are very slightly soluble. Of the compounds of the Fe +++ 
ion, the thiocyanate, nitrate, chloride, bromide and oxalate 
are soluble, while the phosphate, sulfide, sulfate and hy- 
droxide are relatively insoluble. 

Ammonium hydroxide, NaOH or KOH added to neutral 
solutions of ferrous salts precipitate white gelatinous ferrous 
hydroxide, Fe(OH) 2 , which is rapidly oxidized in air, pass- 
ing through several stages of color: green to reddish-brown, 
the latter color being due to ferric hydroxide. 

4Fe(OH) 2(s) + 0 2 + 2H 2 0 = 4Fe(OH) 3(s) (88) 

The same reagents, as well as alkali carbonates and barium 
carbonate, precipitate Fe(OH) 3 from solutions containing 
Fe +++ ion. It is practically insoluble in an excess of the 
alkali hydroxide and in this way Fe(OH) 3 differs from the 
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corresponding hydroxides of aluminum and chromium. 
Ferric hydroxide also differs from the hydroxides of cobalt, 
nickel and zinc, in that the latter are soluble in an excess 
NH4OH, due to the formation of complex ions. 

Ferrous ion in the presence of cyanide ion, CN~, gives a 
precipitate of the yellow-red ferrous cyanide, 

Fe++ + 2CN- = Fe(CN) 2(s) (89) 

which is soluble in excess CN~ ion with the formation of the 
complex ferrocyanide ion. 

Fe(CN) 2(a) + 4CN- = Fe(CN) s (90) 

But CN~ ion, in the presence of Fe +++ ion, causes the pre- 
cipitation of ferric hydroxide since the CN~ ion is appreci- 
ably hydrolyzed. 

CN- + H 2 0 - HCN + OH- (91) 

and Fe+++ + 30H- = Fe(OH) 3(s) (92) 

Potassium ferrocyanide, K4Fe(CN) 6 , in the presence of 
Fe++ ion undergoes the following reaction, with the forma- 
tion of the slightly soluble potassium ferro-ferrocyanide. 

Fe++ + 2K+ + Fe(CN) 6 = K 2 Fe[Fe(CN) 6 ] (3 > (93) 

However, upon exposure to air the latter is readily oxidized 
to Prussian blue, ferric ferrocyanide, Fe 4 [Fe(CN) 6 ] 3 . 

The same final result may be obtained through the direct 
combination of the Fe +++ ion with the Fe(CN) 6 ion. 

4Fe +++ + 3Fe(CN) 6 = Fe 4 [Fe(CN) 6 ] 3(8) (94) 

This is a very sensitive test for the Fe+++ ion. 

The ferricyanide ion, Fe(CN) fi — . may be formed by 
treating solutions containing Fe +++ ion with an excess of 
CN - ion; the Fe(OH) 3 first produced reacts with the CN - 
ion. 

Fe(OH) 3(s) + 6CN- = Fe(CN),— + 30H- (95) 

With Fe ++ ion the Fe(CN) 6 ion forms a dark blue pre- 
cipitate known as Turnbull’s blue, which is a test for Fe ++ 
ion. 
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3 Fe++ + 2Fe(CN) 6 — = Fe 3 [Fe(CN) 6 ] 2(s) (96) 

According to their formulae Prussian blue and Turnbull’s 
blue contain 45.5 and 47.2 per cent iron respectively. How- 
ever, within the limits of experimental error, both have the 
same composition. Prussian blue, instead of Turnbull’s blue, 
could be produced by the reaction 

Fe++ + Fe(CN) 6 — = Fe+++ + Fe(CN ) 6 (97) 

followed by reaction (94). In reaction (97) the Fe ++ and 
Fe +++ ions merely change places in the complex ion. Prus- 
sian blue and Turnbull’s blue are therefore thought to be 
identical. 

The color reactions of the Fe ++ and Fe +++ ions with the 
Fe(CN ) 6 and Fe(CN) 6 — ions are given in the follow- 

ing chart. 


Dark blue** 


Dark blue - 


-Fe +++ - 


;Fe(CN ) 6 

Ferrocyanide 


■Fe(CN) 6 — 

Ferricyanide 


- White 
(light blue ) 
precipitate 

- Brown 
solution 


Thiocyanate ion, CNS~, gives no color reaction with Fe ++ 
ion, but with Fe +++ ion produces the blood-red ferric thio- 
cyanate ion, Fe(CNS )6 . 

Fe+++ + 6 CNS- = Fe(CNS) 6 — (98) 

This is a very sensitive test for Fe +++ ion. Organic acids 
and salts of these acids as well as phosphates and mercuric 
chloride interfere in the test. 

Nitric acid readily oxidizes Fe ++ ion to Fe +++ ion, 

3 Fe++ + 4H+ + N0 3 - = 3 Fe+++ + NO + 2H 2 0 (99) 

If a layer of cold concentrated sulfuric acid is also present 
in the solution, ferrous nitroso sulfate, FeNOSO-s, forms at 
the interface. This is known as the “brown ring” test for 
Fe ++ ion and also for NO 3 - ion. 

Hydrogen sulfide has no effect upon Fe ++ ion in acid solu- 
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tion. From alkaline solutions H 2 S precipitates ferrous sul- 
fide quite completely. 

Fe(OH) 2(J) + H 2 S - FeS (s) + 2H 2 0 (100) 

Sodium sulfide furnishes a relatively high concentration of 
S-- ion compared to that furnished by a solution of H 2 S, so 
this reagent when added to a solution of Fe ++ ion will pre- 
cipitate FeS. Ammonium sulfide may also be used to pre- 
cipitate FeS. 

When H 2 S is passed into acid solutions containing Fe+++ 
ion, the latter is reduced to Fe ++ ion. 

2Fe+++ + H 2 S = 2Fe ++ + 2H+ + S w (101) 

In acid solution (NH 4 ) 2 S produces with Fe +++ ion FeS and 
free sulfur; whereas in alkaline solution the black Fe 2 S 3 is 
precipitated. Therefore, when Fe 2 S 3 produced in alkaline 
solution is dissolved in acid, the H 2 S produced by the 
reaction reduces the iron to the ferrous state. 

Fe 2 S 3(s) + 4H+ - 2Fe++ + 2H 2 S + S ( „ (102) 

Cobaltous Ion, Co++. Cobalt forms two classes of salts, 
in which it exhibits valences of plus two and plus three. 
The compounds of the latter class are extremely unstable 
at ordinary temperatures, so the chemistry of cobalt will be 
here confined almost entirely to the more stable cobaltous 
compounds. Complex ions containing the cobalt atom in 
the three plus state are numerous and possess great stability 
(see Chapter VII). 

_ Hydrated crystallized cobaltous compounds and their 
dilute solutions are pink in color while concentrated solutions 
and the anhydrous salts are blue. 

The soluble salts of the Co ++ ion include the chloride, 
bromide, iodide, nitrate, sulfate, thiosulfate and thiocyanate, 
while the common slightly soluble compounds are the car- 
bonate, chromate, cyanide, ferricyanide, ferrocyanide, 
hydroxide, oxalate, phosphate, tartrate and sulfide. 

Alkali hydroxides, precipitate cobaltous hydroxide, 
Co(OH) 2 , from solutions containing Co++ ion. The hy- 
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droxide is blue in color in cold solutions but pink or rose 
colored in warm solutions. It is only very slightly soluble 
in excess alkali, so it does not possess appreciable amphoteric 
properties. On exposure to air cobaltous hydroxide becomes 
brown in color due to partial oxidation. The hydroxide is 
soluble in solutions containing large amounts of NH 4 + ion. 
Therefore it is not precipitated completely in the presence 
of this ion. 

Ammonium hydroxide, in the absence of ammonium salts, 
precipitates cobaltous hydroxide which is soluble in excess 
reagent. 

Co++ + 2NH 4 OH = Co (OH) 2 (s) + 2 NH 4 + (103) 

In the presence of air oxidation results and a complex com- 
pound of the type [Co(NH 3 ) 6 C1]C1 2 is probably formed. 

Potassium cyanide precipitates in neutral solution the 
light brown cobaltous cyanide, Co(CN) 2 , which is soluble in 
the presence of excess CN~ ion. 

Co++ + 2CN- = Co(CN) 2W (104) 

and Co(CN) 2w + 4CN~ = Co(CN) 6 (105) 

When the latter solution is heated in contact with air a 
bright yellow color appears due to the oxidation of the 
cobaltocyanide ion to the cobalticyanide ion, Co(CN) 6 . 
The cobalticyanide ion is more stable than the cobaltocya- 
nide ion since the latter is readily decomposed by HC1 solu- 
tion to give Co++ ion and HCN; the former ion is not 
affected by HC1. 

Potassium nitrite added to solutions of Co ++ ion which 
have been acidified with acetic acid gives a yellow precipitate 
of potassium cobaltinitrite, Ks£Co(NOj)e)]. 

Co++ + 2HAc + 7N0 2 ~ + 3K+ 

= NO + H 2 0 + 2Ac- + K3 [Co(N0 2 ) 6 ]( S ) (106) 

In the presence of Na+ ion the relatively insoluble 

K 2 Na[Co(N0 2 ) 6 ] 

is formed. Nickelous ion does not give this reaction. 
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Hydrogen sulfide precipitates cobaltous sulfide, CoS, from 
solutions of Co ++ ion. 

Co ++ + H 2 S = CoS(s) + 2H+ (107) 

If strong acids are present CoS fails to precipitate. This 
result is apparent from the equation given above, for an 
excess of H+ ion shifts the equilibrium to the left, which 
process is identical with the dissolving of the sulfide. How- 
ever, if acetate ion is present it will capture H+ ion with the 
formation of slightly ionized acetic acid, thereby shif ting 
the equilibrium to the right and causing the CoS to be 
precipitated to a greater extent. Ammoniu m hydroxide 
exerts a similar effect since OH- ions also capture H+ ions. 
Freshly precipitated CoS is readily soluble in HC1 solution, 
but after the sulfide has been allowed to stand in air its 
solubility in this medium is greatly reduced. This is prob- 
ably due to a change in composition or in crystalline form. 
The rate of solution of CoS in HC1 is very low after the 
precipitate has been allowed to stand. Advantage is taken 
of this property to separate CoS from some of the other 
sulfides of this group. It is obvious that (NH 4 ) 2 S precipi- 
tates CoS from neutral or alkaline solutions of Co ++ ion. 

A concentrated solution of NH 4 CNS may also be used to 
identify Co ++ ion. 

Co++ + 4CNS- = Co(CNS) 4 — (108) 

The complex ion formed has a characteristic blue color, the 
intensity of which may be increased by shaking the solution 
with acetone. Ferric ion interferes with this test but this 
interference may be avoided by the addition of potassium- 
sodium tartrate, which removes Fe+++ ion through the 
formation of a complex ion. 

Cobaltous compounds impart a deep blue color to a 
borax bead. 

Nickelous Ion, Ni++ Nickel, unlike cobalt and iron, 
forms only one series of compounds in which the nickel 
atom exhibits the valence of plus two. In many respects 
the chemistry of Ni++ ion is very similar to that of Co++ 
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ion. Nickelous salts in the hydrated form and in solution 
are green in color; the anhydrous salts are yellow. The 
Ni++ ion also enters in the formation of several complex 
ions but in general these ions possess much less stability 
than those of cobalt. Nickelous hydroxide shows no am- 
photeric properties. The nitrate, chloride, bromide, iodide, 
sulfate, acetate, thiosulfate and thiocyanate of Ni ++ ion are 
all soluble. The more insoluble compounds of this ion are 
the carbonate, sulfide, chromate, cyanide, hydroxide, oxalate 
and phosphate. 

Alkali hydroxides precipitate light green nickelous hy- 
droxide, Ni(OH) 2 , from solutions of Ni++ ion. 

Ni++ + 20H- = Ni(OH), ( „ (109) 

It is soluble in solutions containing NH 4 + ion or NH 4 OH 
due to the formation of the complex ion, Ni(NH 3 ) 4 ++ . 

Ni(OH), w + 4NH 3 = Ni(NH 3 ) 4 ++ + 20H- (110) 

Nickelous hydroxide in alkaline solution may be readily 
oxidized to a hydrated dioxide, Ni0 2 . In acid solution this 
oxide is a very strong oxidizing agent. It is the oxidizing 
constituent in the Edison storage cell. The dioxide may 
very well be a peroxide but there is no experimental evidence 
to justify a definite conclusion. 

Alkali carbonates precipitate a green basic carbonate 
from Ni++ ion solutions; the normal hydrated carbonate, 
NiC0 3 • 6H 2 0, is obtained if carbonic acid is also present. 

Ammonium hydroxide, in dilute solution and in the 
. absence of ammonium salts, precipitates a green basic salt. 
If the chloride is used, the reaction is 

Ni++ + Cl- + NH 4 OH = Ni(OH)Cl w + NH 4 + (111) 

The presence of ammonium salts reduces the OH - con- 
centration, through the common ion effect, to such a small 
value as to prevent the precipitation of either the basic 
salt or the normal hydroxide. The basic salt, however, is 
soluble in an excess of NH 4 OH with the formation of the 
complex ion noted above. 
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Alkali cyanides precipitate nickelous cyanide from solu- 
tions of Ni ++ ions. 

Ni++ + 2CN- = Ni(CN) 2(s) (112) 

The precipitate is soluble in excess CN~ ion due to the 
formation of a nickel-cyanide complex ion. 

Ni(CN), w + 2CN- = Ni(CN) 4 (113) 

When HC1 is added to solutions of the complex ion, Ni(CN) 2 
is first precipitated. This effect is to be expected on the 
basis of H+ ions combining with CN~ ions to form the 
slightly ionized HCN. 

Thiocyanate ion, CNS - , does not show a color reaction 
nor give a precipitate with Ni ++ ion. This property dis- 
tinguishes Ni ++ ion from Co ++ and Fe +++ ions. 

Potassium nitrite, in acetic acid solution, does not give a 
precipitate with Ni++ ion, again distinguishing this ion from 
Co++ ion. 

Hydrogen sulfide precipitates nickel sulfide from solutions 
of Ni ++ ions. 

Ni++ + H 2 S = NiS w + 2H+ (114) 

If the H+ ion concentration of the solution is high, NiS fails 
to precipitate. Even in neutral solution the precipitation 
of NiS is not analytically complete, since as the reaction 
proceeds to the right the H+ ion concentration increases. The 
latter may reach a sufficiently high value to prevent further 
precipitation. If Ac - ion is present in the solution, the 
precipitation of NiS will proceed to a greater extent, since 
Ac - ion removes H+ ion by the formation of HAc. Any ion 
which tends to remove H+ ion will produce the same effect. 
Like CoS, NiS is dissolved slowly by dilute HC1. The effect 
here appears to be one involving only the rate of solution. 
Undoubtedly, at equilibrium NiS would be found quite 
soluble in HC1, but the rate of solution in attaining equilib- 
rium conditions is very low. Advantage of this property 
is taken both in the case of CoS and NiS in the separation 
of these ions from some of the other ions of the zinc group. 
The sulfides of the other ions of the zinc group are readily 
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soluble in HC1 solution. NiS, as well as CoS, may be dis- 
solved by HNOs or by aqua regia. 

NiS(s) + 2NO s ~ + 4H+ = Ni ++ -i- 2 NO 2 4- S( 8 ) H- 2 H 2 O (115) 

Dimethylglyoxime in alcohol solution yields with solutions 
of Ni ++ ion, alkaline with NH 4 OH, a characteristic red pre- 
cipitate of nickel dimethylglyoxime. 

Ni++ + 2NH 3 + 2C 4 H 6 N 2 0 2 H 2 

= NiC 8 H 14 N 4 0 4(s) + 2NH 4 + (116) 

This is a very sensitive test for the Ni++ ion. Ag+, Mn++, 
Fe ++ , Fe +++ and Co++ ions also give precipitates with this 
same reagent, under suitable conditions. In NH 4 OH solu- 
tion Co ++ does not precipitate unless present in high con- 
centrations. 

Manganous Ion, Mn ++ . Manganese forms several series 
of compounds in accordance with its marked variability in 
valence. In these compounds the manganese atom shows 
the following valence states: plus two, plus three, plus four, 
plus six and plus seven. All types of compounds possess 
specific chemical properties and impart characteristic colors 
to their solutions. The hydroxides, oxides or acids repre- 
senting all the valence states of manganese are: manganous 
hydroxide, Mn(OH) 2 ; manganic hydroxide, Mn(OH) 3 ; 
manganese dioxide, Mn0 2 ; manganic acid, H 2 Mn0 4 ; and 
permanganic acid, HMn0 4 . As the valence number increases 
the acidic properties of the oxides or their hydrates become 
more pronounced. 

Manganous ion, at one end of the series, is a good reduc- 
ing agent, while Mn0 4 - ion, at the other end, is a strong 
oxidizing agent. In acid solution the Mn++ ion is highly 
stable. Accordingly, ions containing manganese in a higher 
oxidized state are readily reduced to Mn ++ ion in this 
medi um. In alkaline or neutral solutions tetravalent man- 
ganese has a high stability and therefore the reduction of 
manganese in higher valence states in this medium gives 
Mn0 2 . Trivalent manganese ion is stable only in the 
presence of a high concentration of H + ion, while manganese 
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with a valence number of plus six is stable only in the pres- 
ence of a high concentration of OH - ion. 

Manganous salts are white when anhydrous and pink 
when hydrated or in water solution. Manganic salts are 
purple. Anhydrous manganates have a violet color but in 
solution the Mn0 4 ion is green. Permanganates are violet 
to black in the solid state, and the Mn0 4 ~ ion is deep purple 
in color. 

The more common soluble salts of Mn ++ ion are the 
chloride, bromide, iodide, nitrate, thiosulfate, thiocyanate 
and sulfate, while the acetate, oxalate, carbonate, hydroxide, 
phosphate, cyanide and sulfide are relatively insoluble. The 
following table gives the equilibria involving Mn ++ ion in 
saturated solutions of some of its compounds; the arrange- 
ment is based on decreasing concentration of Mn ++ at 
equilibrium. 

TABLE 23 

Equilibria Involving Manganous Ion 


a a 
§ .2 
2 + 

o +rt 

•§ O 
go 

a d 
<u o 
o *■§ 
O d 

O £ 


Mn++ + 2Ac- = Mn(Ac)t W 
Mn++ + C 2 0 4 — = MnC 2 0 4(s) 
Mn++ + C0 3 — = MnC0 3(s) 
Mn++ + 20H- = Mn(OH) 2(s) 
Mn++ + S— = MnS w 


Some of the chemical properties of the Mn0 4 ~ and MnO, 
ions are expressed in the following equations. 

2Mn0 4 ~ + 10Fe++ + 16H+ 

= 2Mn++ + 10Fe+++ + 8H 2 0 
2Mn0 4 - + 10C1- + 16H+ = 2Mn++ + 5C1 2 + 8H 2 0 
2Mn0 4 - + 3HSn0 2 - + OH- 

= 3SnO s + 2Mn0 2(5) + 2H s O 
2Mn0 4 _ + 5C 2 0 4 + 16H + 

= 2Mn++ + 10CO 2 + 8H 2 0 
3Mn0 4 + 4H+ = 2Mn0 4 - + Mn0 2(s) + 2H 2 0 

2Mn0 4 + Cl 2 = 2Mn0 4 " + 2C1- 


(117) 

(118) 

(119) 


( 120 ) 

( 121 ) 

( 122 ) 
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The reactions as expressed by these equations proceed from 
left to right when concentrations of the substances involved 
are each 1 M. 

Alkali hydroxides precipitate from solutions of Mn ++ ion 
white manganous hydroxide which readily oxidizes in air. 
It is insoluble in excess alkali, thereby showing no am- 
photeric properties, but is soluble in solutions containing an 
appreciable concentration of NH 4 + ion. Ammonium hy- 
droxide precipitates Mn(OH) 2 from solutions of Mn++ ion, 
provided the concentration of NH 4 + ion is not high. A high 
concentration of NH 4 + ion reduces the OH - ion concentra- 
tion sufficiently to prevent the precipitation of the hydroxide. 

Ammonium sulfide precipitates pink manganous sulfide. 

Mn ++ + S = MnS( S ) (123) 

MnS is readily soluble in dilute acids since it is one of the 
more soluble sulfides and thereby furnishes a relatively high 
concentration of S — ions. A low H+ ion concentration is 
sufficient to form the slightly ionized HS~ ion, as shown by 
the fact that MnS is soluble even in acetic acid. It is there- 
fore evident that ITS passed into solutions containing Mn ++ 
will not precipitate MnS unless the solution is alkaline. It 
will be recalled that CoS and NiS are not readily dissolved 
by non-oxidizing acids. This difference in the behavior of 
these sulfides permits a satisfactory separation of man- 
ganese from cobalt and nickel. 

Nitric acid in the presence of C10 3 ~ ion, Br 2 , Pb0 2 , Bi0 3 - 
ion, or other oxidizing agents converts Mn ++ ion to Mn0 4 ~ 
ion which is readily detected by its characteristic color. 
This procedure serves as a sensitive test for the identifica- 
tion of manganese. 

Zinc Ion, Zn++. Zinc is a member of sub-group two of 
the periodic table. It forms only one series of compounds 
in which the zinc atom shows a positive valence of two. 
Zinc hydroxide shows decided amphoteric properties, form- 
ing a second series of compounds known as zincates. The 
Zn++ ion is somewhat hydrolyzed in water, forming Zn(OH) 2 
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and H+ ion. It also shows a pronounced tendency to form 
complex ions with NH 3 and CN~ ion. 

Many zinc salts are very soluble in water, the more 
common ones being the chloride, bromide, iodide, nitrate, 
thiosulfate, thiocyanate and acetate. The more insoluble 
compounds of Zn++ ion include the carbonate, oxalate, 
hydroxide, sulfide, chromate, cyanide and phosphate. 

In the following table equilibria involving the Zn ++ ion 
are listed in order of decreasing concentration of Zn ++ ion 
at equilibrium. The equilibria are of two types, one in- 
volving saturated solutions in which the zinc ion is in 
equilibrium with the solid salt in question, and the other 
involving complex ions. One molar solutions of the complex 
ions have been taken in determining their relative positions. 


TABLE 24 

Equilibkia Involving Zinc Ion 


ti g 

© O 
a t-H 

g + 
O +_ 

O 

Tk N 
bfi . 

.S O 


Zn++ + CO,— 
Zn++ + C 2 0 4 ~ 
Zn++ + 20H- 
Zn++ + 4NH 3 
Zn++ + S— 


ZnC 03 (S ) 

ZnC 2 0 4w 

Zn(OH) 2w 

Zn(NH 3 ) 4 ^ 

ZnS(„) 


Alkali hydroxides precipitate zinc hydroxide from solu- 
tions of Zn ++ ion, 

Zn++ + 20H- = Zn(OH) 2(s) (124) 

which is readily soluble in excess alkali due to its amphoteric 
properties. Thus, in a saturated solution of Zn(OH) 2 the 
following equilibrium is involved : 


Zn++ + 20H- 


fZn(OHU 
(HoZnOj j (s) 


H+ + HZn0 2 (125) 


It is apparent that the addition of a strong base shifts the 
equilibrium to the right and the addition of a strong acid, 
to the left. In this respect Zn(OH) 2 behaves like Al(OH) s 
and Cr(OH) 3 but differs from Fe(OH) 3 , the latter being 
insoluble in excess alkali hydroxide. 
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When NH4OH is added to a neutral solution of Zn++ ion, 
in the absence of ammonium salts, a white precipitate of 
Zn(OH) 2 is first formed. 

Zn++ + 2NH4OH = Zn(OH) 2(s) + 2NBU+ (126) 

A high concentration of NH 4 + ion in the solution shifts the 
equilibrium to the left, thereby preventing the precipitation 
of Zn(OH) 2 . The same effect may be expressed in other 
words: the excess NH 4 + ion from the ammonium salt re- 
presses the ionization of NH4OH to such an extent that an 
insufficient number of OH - ions are present to cause the 
precipitation of Zn(OH) 2 . 

Zinc hydroxide is readily soluble in excess NH 4 OH due to 
the formation of the zinc-ammonia complex ion, Zn(NH 3 ) 4 ++ . 

Zn(OH) 2W + 4NHs = Zn(NH 3 ) 4 ++ + 20H~ (127) 

In this respect Zn(OH) 2 resembles Ni(OH) 2 and Co(OH) 2 
but differs from Al(OH) 3 , Cr(OH) 3 , Fe(OH) 3 and Mn(OH) 2 . 

Hydrogen sulfide does not precipitate zinc sulfide from 
solutions containing Zn ++ ion if H + ion be present at moder- 
ate concentrations. Even the production of H + ion by the 
reaction tends to prevent the precipitation from being 
analytically complete, though the Zn ++ ion solution is 
originally neutral. The equation for the reaction illustrates 
this point. 

Zn++ + H 2 S = ZnS ( ») + 2H+ (128) 

If acetate ion or any other captor of H+ ion is present in the 
solution when H 2 S is added, H + ions are removed and then 
ZnS will precipitate quite completely. If the solution is 
first made alkaline, HZn0 2 — ion is produced, and subse- 
quently H 2 S will precipitate most of the Zn++ ion as ZnS. 

HZn0 2 ~ + H 2 S = ZnS (s) + OH - + H 2 0 (129) 

The lower the H + ion concentration of the solution, the more 
favorable are the conditions for the precipitation of ZnS by 
H 2 S. Obviously (NELO2S may be used in place of H 2 S. 

Alkali carbonates precipitate from solutions of Zn ++ ion 
a basic carbonate, 5ZnO • 2C0 2 • 4H 2 0, which is soluble in 
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either (NH^COs or NH 4 OH solutions. It is also readily 
dissolved by alkali hydroxides. These results are in accord 
with the positions of ZnCOs, Zn(OH) 2 and Zn(NH 3 ) 4 ++ ion 
in Table 24. 

Alkali ferrocyanides precipitate zinc ferrocyanide, 
Zn 2 Fe(CN) 6 (white) . With ferricyanides, zinc ferricyanide 
(yellow), Zn 3 [Fe(CN) 6 ] 2 , is precipitated. 

Preliminary Experiments 

1. In the following chart the ions of the zinc-aluminum group 
are listed horizontally and a number of reagents vertically. In 
the blank spaces provided in a similar chart made in your note- 
book give the products of the reactions when the specified reagent 
is added drop by drop to a solution of the ion in question. If the 
product is a precipitate, indicate this fact by denoting the solid 
phase as, for example, Al(OH) 3 ( S ). Indicate the color of all 


R.eagent Added 

A1+++ 

Cr +++ 

Fe +++ 

Fe ++ 

Co++ 

Ni++ 

Mn +4 

Zn ++ 

6 M NaOH 









6 M NaOH in excess 









6 M NH 4 OH 









6 M NH4OH in excess 









NH4OH + NH4C1 
(soln. 1 M in NH 4 C 1 ) 









0.5 M Na 2 C 0 3 









H 2 S in 0.3 M HC 1 









(NH 4 ) 2 S 










precipitates and solutions containing new products. If the re- 
action does not give a precipitate but produces new ions, indicate 
these in the appropriate places. If no reaction takes place as far 
as you can ascertain, write no reaction. From your knowledge of 
the chemical properties, of these ions fill in as many blank spaces 
as possible without carrying out the experiments. If you are not 
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familiar with the reaction in question perform an experiment to 
obtain the desired information. 

2. Devise an experiment for the detection of Fe 44 ion in the 
presence of Fe 444 ion. Carry out the experiment to verify your 
conclusion. Use solutions containing these ions at a concentra- 
tion of .02 molar. 

3. Devise and perform an experiment to identify Co 44 ion in 
the presence of Ni 44 ion. (.02 M solutions.) 

4. Devise and carry out procedures to separate and identify 
the individual ions in each of the following groups. In each case 
use 3 ml. of solution containing each of the three ions in question 
at a concentration of .02 M. 

(a) Al 444 , Cr 444 and Fe 444 

(b) Al 444 , Mn ++ and Zn 44 

(c) Fe 444 Zn 44 and Co 44 

(d) Cr 44 , Ni 44 and Mn 44 

5. To 2 ml. of a solution containing Fe 44 and Zn 44 each at 
.02 M concentration, add 1 ml. of 1 M HAc and saturate with 
H 2 S. Write the equation for the reaction which takes place. To 
the above solution now add NH 4 OH until alkaline. What happens? 
Explain your results on the basis of the difference in solubility 
between ZnS and FeS. 

6. Devise experiments to determine the position of zinc- 
ammonia complex ion in Table 24. 

7. To 3 ml. of 0.5 M Na 2 HP0 4 solution add 4.8 ml. of 0.5 M 
NaH 2 PC >4 solution. The concentration of the HP0 4 “~ ion in the 
mixture is approximately 0.192 M, while that of the H 2 P0 4 “ ion 
is 0.31 M. Since the equilibrium constant for the following expres- 
sion has a value of 6.3 X 10“ 8 , 

- « X 

it is evident that the concentration of the H 4 ion in this mixture 
is 1 X 10~ 7 mole per liter, the same as that of pure water. Such a 
solution is one of the more common “buffer” solutions. In order 
to understand the manner in which a buffer solution functions, 
carry out the following experiments: 

(a) To one-half (3.9 ml.) of the above mixture in a 25 ml. 
graduated cylinder add a few drops of phenolphthalein indicator 
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and then slowly pour into this solution 0.1 M NaOH until the 
indicator changes color. Note the amount of NaOH solution used. 
What is the concentration of the H+ ion at this point? (See 
indicator chart.) 

(b) To the other portion of the buffer mixture add a few drops 
of methyl orange indicator in a 25 ml. graduated cylinder and 
then add 0.1 M HC1 until the indicator changes color. Note the 
amount of HC1 solution used. Now what is the concentration of 
the H + ion at this point? (See indicator chart.) 

(c) Using 3.9 ml. of pure water instead of the buffer solution 
repeat experiments (a) and (b). (Note: The H + ion concentration 
is the same in pure water as in the buffer solution.) 

(d) If the same amount of base and of acid used in (a) and 
(b) respectively were added separately to pure water, what would 
be the concentration of the H + ion in each case? Compare with 
the results of (a) and (b). Explain the difference in behavior of 
these solutions. 

(e) Write equations for the reactions taking place in (a) and (b). 
Disregard any reaction involving either H s P0 4 or P0 4 ion. 

(f) Explain how a solution containing both NH 4 OH and NH 4 C1 
can act as a buffer. 

8. To 1 ml. of 6 M HNO3 contained in a small casserole add 
1 drop of 0.1 M Mn(N0 3 )2 solution. Add a small spatula-full of 
solid sodium bismuthate and heat to boiling. Add 1 ml. of water 
and pour into a test tube. Allow the solid to settle and note the 
purple color of the Mn0 4 “ ion. 

9. To 1 ml. of water contained in a test tube add 3 drops of 
0.1 M Mn(N0 3 )2 solution. Add 6 M NaOH until alkaline and 
then add 5 drops of the reagent in excess. Now add 5 drops of 
3% H 2 O 2 solution. Note the formation of black Mn0 2 . The 
equation for the reaction is 

Mn(OH) 2w + H0 2 - « Mn0 2(s) + H 2 0 + OH“ 

Centrifuge or filter and transfer the Mn0 2 to a casserole. Add 
1 ml. of 6 M HNO3 and then add a small spatula-full of solid 
sodium bismuthate. Heat to boiling. Dilute with 1 ml. of water 
and pour the mixture into a 10 ml. test tube. After the residue 
has settled, note the purple color of the Mn0 4 “ ion in the solution. 

10. Add 12 drops of 0.1 M FeS0 4 solution and 12 drops of 
0.1 M Zn(N0 3 )2 solution to 2 ml. of water in a 10 ml. test tube. 
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Make alkaline with 6 M NH4OH and saturate with H 2 S. Cen- 
trifuge or filter and wash the precipitate with 3 ml. of water. To 
the precipitate in a 10 ml. test tube add 3 ml. of a solution made 
by combining 2 parts of a saturated Na^SCh solution with 1 part 
of a 2 M NaHS0 4 solution. Heat to boiling. Stir well or shake. 
Note that the FeS is dissolved by this reagent while the ZnS is 
not. Explain on the basis of the difference in the solubility 
product constants of ZnS and FeS. 

11. To a small casserole add 12 drops of 0.1 M Co(N0 3 ) 2 
solution, 12 drops of 0.1 M Ni(N0 3 ) 2 solution, 2 drops of 0.1 M 
Zn(N0 3 ) 2 solution, and then add 2 drops of 6 M HC1. Evaporate 
to dryness. Now add 2 ml. of a saturated solution of Na 2 S0 4 , 

1 ml. of 2 M NaHS0 4 solution, and 10 drops of 3 M NH4AC 
solution. Saturate the solution with H 2 S for at least one minute. 
No precipitate should appear at this point. Warm in the flame 
and gradually raise the temperature almost to boiling. A white 
precipitate of ZnS appears. Centrifuge or filter the solution and 
to the supernatant liquid or the filtrate, as the case may be, add 
6 M NH4OH solution until alkaline. If no precipitate appears, 
saturate again with H 2 S. A black precipitate is a mixture of CoS 
and NiS. Explain this experiment. 

12. Add 1 drop of 0.1 M Fe(N0 8 )s solution to 10 ml. of water. 
Shake thoroughly. What is the concentration of the Fe + + + ion 
in this solution? Now add 6 drops of this solution to 3 ml. of 
water. What is the concentration of the Fe +++ ion in the latter 
solution? To the latter solution add 1 drop of 3 M HC1 and 2 
drops of 1 M KCNS solution. Note the sensitivity of this test 
for Fe +++ ion. 

13. Place 3 drops of 0.1 M Al(N0 3 )s solution in a 10 ml. test 
tube, add 3 ml. of water, 3 drops of 3 M NH 4 Ac solution, and 
4 drops of aluminon reagent. Make the solution alkaline with a 
few drops of 6 M NH 4 OH, and heat. Note the formation of the 
red lake. 
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Procedure for the Analysis of the Aluminum-Zinc Group 

SCHEMATIC OUTLINE 


Solution: Al + + + , Cr +++ , Fe + + + , Fe + + , Mn + + , Zn + +, Co + + and Ni + + . 

Add 5 M NH 4 CI and 15 M NH 4 OH. 

Add HaS. 

(E-F) 

Precipitate: Al(OH) 3 , Cr(OH) 3 , Fe 2 S 3 , FeS, MnS, ZnS, CoS, NiS. 

Add saturated Na 2 S0 4 and 2 M NaHS04. 

(E-F-l) 

Residue: ZnS, CoS, NiS. Solution: Al + + + , Cr + + + , Fe + + + , Fe + + , 

Dissolve in 6 M HC1 and 6 M HNOs. Mn + +. 

Evaporate to dryness. Add 6 M H 2 SO 4 — boil. 

Add saturated Na 2 S0 4 , and 2 M Add Br 2 water. Boil — Add 6 M NH 4 OH. 
NaHS0 4 . (F) 


Residue: ZnS, CoS, NiS. 

Dissolve in 6 M HC1 and 6 M HNOs. 
Evaporate to dryness. 

Add saturated Na 2 S0 4 , and 2 M 
NaHS0 4 . 

(E) 

Solution 

: Zn + + , Co + + 

Ni + + . 

Add H 2 S. 

(E-X) 


Ppt.: 

Solution : 


ZnS. 

Co + + , Ni + + . 


(white). 

Boil — Add Br 2 water. 


Add 

Add 3 M 


6 M KNOa. 

NH4OH 


(E- 2 ) 

and di- 


methylgly- 


Precipitate: 

oxime. 


Ko Co(N0 2 ) 6 . 

(E-3) 


(yellow). 

Precipitate: 
Nickel di- 
methylgly- 
oxime. 



(red) . 


Precipitate: 

Al(OH)*, Cr(OH) 3 , Fe(OH) 3 , 
[Mn(OH) 3 ]. 

Dissolve in 3 M HC1. 

Treat with 6 M NaOH. 

Add 3% H 2 0 2 . 

(F-2) 


Residue : 
Fe(OH) 3 . 
(MnOa). 
(F-2) 

Add 3 M 
HC1. 
Add 1 M 
KCNS. 
(red). 


Solution : 

A10 2 ", Cr0 4 “-. 
Add 12 M II Cl. 
Add 6 M NH4OII. 
(F-3) 


Solution: 
Mn + + . 
Add 6 M 
HN0 3 . 
Add so- 
dium 
bismu- 
thate. 
(F-l) 

Solution: 
Mn04“. 
(purple) . 


Ppt. : 

Solution : 

Al(OH) 3 . 

Cr0 4 . 

Add 3 M 

Add 6 M 

HC1. 

HAc 

Add alu- 

and 2 M 

minon 

Pb(Ac) 2 . 

reagent. 
Add 6 M 

(F-4) 

NH 4 OH. 

Ppt.: 


Ppt. : 
Al(OH) 3 
+ dye 
(red) . 


PbCr0 4 . 
(yellow) . 
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Obtain from the laboratory instructor a sample of a solution 
containing ions of the aluminum-zinc group only. If the solution 
is strongly alkaline and contains no NH 4 OH, it is evident from 
the properties of the ions of this group that only Al +++ , Cr + + + 
and Zn ++ ions can be present. If the solution is acidic, all ions 
of the group may be present. 

E-F. Precipitation of the Aluminum" Zinc Group, Place 3 ml. 
of this solution in an Erlenmeyer flask. Reserve the rest to make 
any tests you may see fit (other than adding NH 4 OH + H 2 S), to 
obtain preliminary information as to which ions may be present. 

To 3 ml. of the unknown solution add 1 ml. 5 M NH 4 C1 solu- 
tion; make alkaline with 15 M NH 4 OH and add 10 drops of the 
latter solution in excess. If no precipitate appears at this point, 
Al +++ , Cr +++ , and Fe +++ ions are absent. Saturate the solu- 
tion, which may contain a precipitate, with H 2 S . 1 Centrifuge or 
filter and test the filtrate or supernatant solution for complete 
precipitation by adding 2 drops of 15 M NH 4 OH, 2 heating, and 
again saturating with H 2 S. 3 Combine any precipitate with that 
obtained originally. Wash the precipitate with 3 ml. of water 
and discard the washings. The collected precipitate may con- 
tain Al(OH) 3 , Cr(OH) 3 , Fe 2 S 3 , FeS, NiS, CoS, MnS, and ZnS. 

Note 1 . In a hot solution any Cr(OH)z present may he transformed into 
an insoluble form. This transformation is prevented by keeping the solution 
cold during the first precipitation. 

Note 2. If the solution is not sufficiently alkaline during the first addition 
of H 2 S, MnS will not precipitate. When more NH 4 OH is added and the solu- 
tion is again saturated with H^S, the Mn ++ ion , if present, may then be pre- 
cipitated as the pink MnS. 

Note 3. All the Zn ++ ion may not be removed from the solution as ZnS 
during the first saturation with H 2 S since under some circumstances the rate 
of the precipitation of this sulfide is slow when the solution is cold. The ZnS 
would then precipitate from the hot solution. 


E-F-l. Separation of ZnS, CoS and MS. 


To the combined precipi- 
tates from E-F, contained in a 
10 ml. test tube, add 3 ml. of a 
solution made by combining 
one part, by volume, of a satu- 
rated solution of Na 2 S0 4 and 
one part of 2 M NaHS0 4 , 4 


With a pointed glass rod punc- 
ture the filter paper and with 3 ml. 
of a solution, made by combining 
one part, by volume, of a satu- 
rated solution of Na 2 S0 4 and one 
part of 2 ill NaHS0 4 , 4 wash the 
precipitate into a 10 ml. test tube. 
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Agitate and stir the mixture with a stirring rod for about 2 
minutes. Do not heat. Centrifuge or filter. Label the super- 
natant liquid or filtrate F. This solution contains any or all of 
the ions: Cr ++ + Al +++ , Fe +++ , Fe + + and Mn ++ . The pre- 
cipitate E may contain the undissolved sulfides of zinc, cobalt 
and nickel. Wash the precipitate with 3 ml. of water and dis- 
card the washings. Add 1 ml. of 6 M HC1 and 1 ml. of 6Hf HNO 3 
to the precipitate in the test tube. Heat to boiling and then 
transfer to a small casserole. With the aid of the stirring rod 
remove the small mass of free sulfur which may have formed and 
discard it. Evaporate the solution to dryness. Remove the flame 
under the casserole just as the last drop is evaporating; that is, 
do not overheat the dry salt. With the aid of the capillary syringe 
add 1 ml. of 2 M NaHS0 4 solution to the salt in the casserole, 
after it has cooled, and pour into a 10 ml. test tube. Label this 
E-l. Rinse the casserole with 2 ml. of saturated Na 2 S0 4 solu- 
tion and add to E-l. 

Note 4. The Na^SO* and NaHSO 4 produce a buffer solution with a hy- 
drogen ion concentration of about 10~* mole per liter. HSOf ion is a rela- 
tively weak acid with a dissociation constant of 10 ~ 2 . 

(H+XBO") = 10 _ 2 
(HSOr) 

Since the ratio approximately equal to one, the H + ion concen - 

(HbCh ) 

tration is therefore approximately equal to 10~ 2 mole per liter. ZnS, CoS , 
and NiS do not dissolve rapidly in a solution of this II + ion concentration. 

E-l. Test for Zn ++ Ion. Add 10 drops of 3 M NH 4 Ac solu- 
tion to solution E-l which may contain the ions Zn ++ , Ni ++ , 
and Co ++ . Saturate the cold solution with H 2 S for at least one 
minute. Warm in a flame and gradually raise the temperature 
almost to boiling. If zinc is present, a white or very light gray 5 
precipitate of ZnS will appear. 6 Filter or centrifuge any ZnS 
from the solution and pour this solution into a small casserole. 
Heat it to boiling for several minutes to expel the H 2 S. Add a 
few drops of bromine water 7 and continue heating. Add 1 ml. 
of water. Divide this solution into two equal portions to use 
for tests for Ni ++ and Co ++ ions. Label one of these portions 
E-2 and the other E-3. 

Note 5. If this precipitate is allowed to stand, it may become darker in 
color due to the precipitation of some CoS or NiS or both. An initial white 
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or gray precipitate is sufficient evidence for the presence of Zn ++ ion. If 
equilibrium were attained CoS and NiS would be precipitated, but the rate 
of precipitation of these two sulfides is much lower than that for ZnS. 

Note. 6. A slight turbidity may be due to free sulfur. To distinguish 
sulfur from ZnS, make the solution distinctly acidic with II Cl. The sulfur 
will not dissolve while the ZnS will. 

Note 7. The purpose of adding the bromine water is to complete the re- 
moval of IIS by oxidation to free sulfur. 

H 2 S + Br 2 * S ( .) + 2Br“ + 2H+ 


E-2. Test for Co ++ Ion. To the solution E-2 add an equal 
volume of 6 If KN0 2 solution. Warm and allow to stand for a few 
minutes. A yellow or olive colored precipitate of K 3 [Co(N0 2 )6] 
indicates the presence of Co ++ ion. 

E-3. Test for M ++ Ion. To solution E-3 add 6 M NH 4 OH 
drop by drop 8 * 9 until the solution is alkaline. Add 4 drops of 
dimethylgly oxime reagent. A red precipitate of nickel dimethyl- 
glyoxime indicates the presence of Ni ++ ion. 

If Co ++ ion is present a brown soluble cobalt dimethylglyoxime 
is first formed. In such a case it may be necessary to add more 
of the dimethylglyoxime reagent to bring about the precipitation 
of the nickel salt. If there is any doubt about the color of the 
precipitate, centrifuge or filter the solution. 


Note 8. If Fe _H ~ + ion has not been completely removed, some Fe(OH)z 
may be precipitated at this point. Centrifuge or filter the solution to remove 
it. 

Note 9. If the solution turns black at this point, it is because the H2S 
has not been previously completely removed and NiS precipitates. If this is 
the case, make acidic with 6 M HCl, add 10 drops in excess, add 10 drops of 
6 M HNO3, place in a casserole and evaporate to dryness again. After dis- 
solving the residue in water, add 6 M NH4OH drop by drop until just alka- 
line and proceed as before. 


F. Separation of Mn ++ from Al +++ , Cr +++ , and Fe +++ Ions. 
If solution F is not clear, centrifuge or filter it and discard the 
precipitate. To the clear solution F add 10 drops of 6 M H 2 S0 4 , 
place it in a casserole and boil until the volume is reduced to 
about 1 ml. Add 3 drops of bromine water and continue heating 
to remove any excess Br 2 . 10 Add water to restore the volume to 
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2 ml. Transfer to a 10 ml. test tube. Carefully make alkaline 
with 6 M NH 4 OH and add 10 drops in excess. 11 (The solution 
should now be decidedly alkaline to litmus paper.) If Al +++ , 
Cr +++ , or Fe +++ ions are present a precipitate of the correspond- 
ing hydroxides will appear. 12 Mn(OH) 2 does not precipitate with 
this low OH” ion concentration. Centrifuge or filter and re- 
tain the solution for the Mn ++ ion test. Label it F-L Wash 
the precipitate with 2 ml. of water and add wash water to F-l. 
Repeat the washing and discard the wash water. 

Dissolve the precipitate in 1 ml. of 3 M HC1 and label it F-2. 
(If filtered, wash filter with 1 ml. of water and add to F-2.) 


Note 10. The H 2 S must be completely removed from the solution; other- 
wise MnS will form when the NH A OH is added . This will vitiate the separa- 
tion of Mn ++ ion from the other ions. Besides oxidizing the H 2 S to free sulfur , 
the bromine oxidizes Fe ++ ion to Fe +++ ion. This procedure is carried out 
in order to obtain Fe(OH) z rather than Fe(OH) 2 . Fe{OH) z is less soluble 
and not as gelatinous as Fe(OH) 2 . 

Note 11. Excess NH A OH is added here to retain in solution , as 
Zn(E Hz) 4 ++ ion, any Zn ++ ion which may be present because of the partial 
solution of ZnS by the buffer solution in E-F-l . 

Note 12. In alkaline solution oxygen of the air oxidizes Mn ++ ion with 
the consequent formation of insoluble Mn(OH) z . A small amount ofMn{OH) z 
appearing at this point will be later converted to Mn0 2 . This will not inter- 
fere with other tests unless present in relatively large amounts. It is therefore 
desirable that the student make this separation as rapidly as possible. 


F-l. Test for Mn ++ Ion. Transfer 5 drops of the solution 
F-T, which may contain Mn++ ion, to a casserole and add 1 ml. 
of 6 M HNO3. Now add a very small amount of solid sodium 
bismuthate (from the tip of the spatula). If Mn ++ ion is present, 
a purple color will form due to the Mn0 4 “ ion. If this color 
does not appear, heat to boiling. If the brown color of the sodium 
bismuthate obscures the color of the solution, allow it to stand 
for a time until the effervescence has stopped, and centrifuge or 
filter. If the color is very intense, dilute the solution with 
water. 13 * 14 

If Zn ++ ion was not found in test E— 1 and if it was present in 
the original solution in small amount, an appreciable amount of 
the ZnS may have been dissolved by the buffer solution in E-F-l. 
In such a case, reserve the remainder of solution F-l for the 
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auxiliary Zn ++ ion test E-X. If Zn ++ ion was found in E-l, the 
remainder of solution F-l may be discarded. 

Note 13. The MnOc ion first formed may be destroyed by reaction with 
the Br~ ion. 

10Br- + 2Mn0 4 ~ + 16H+ = 2Mn++ + 5Br 2 + 8H 2 0 
If no purple color is obtained, heat the solution to drive off the Br 2 and then 
add another pinch of sodium bismuthate. This reaction also takes place with 
d~ ion. It is for this reason that reagents contributing this ion to the solu- 
tion have been avoided. 

Note 14. If no positive test for Mn ++ ion is obtained, it is possible that 
the manganese was retained with the hydroxides of Fe(OII)z, Cr(OH) 3> and 
Al(OH ) 3 as Mn(OH) 3 . In such an event the Mn ++ ion may be detected in 
F-2. 

E-X. Auxilliary Zn ++ Ion Test. To the remainder of solution 
F-l add 6 M HC1 until acidic and then add 2 drops of the re- 
agent in excess. Transfer the solution to a casserole and evaporate 
to dryness. Now add 10 drops of 2 M NaHSCh solution, 1 ml. of 
saturated Na 2 S0 4 solution, and 5 drops of 3 M NH4AC solution. 
Pour the solution into a small test tube, cool if necessary, and 
saturate with H 2 S for at least one minute. Warm in a flame and 
gradually raise the temperature almost to boiling. If Zn ++ ion 
is present at this point, a white or very light gray precipitate of 
ZnS will appear. If no precipitate of ZnS appears either here or 
in E-l, Zn ++ ion is absent in the original solution. 

F-2. Test for Fe +++ Ion. Add 2 ml. of 6 M NaOH to the 
acid solution F-2 which may contain Fe +++ , Cr +++ , and Al +++ 
ions. At this point a reddish brown precipitate indicates the 
presence of Fe +++ ion although this color may be somewhat ob- 
scured if Cr +++ ion is also present. Add 1 ml. of 3% H 2 0 2 . 15 
Heat to boiling and keep hot for several minutes. Centrifuge 
or filter the solution, retaining the filtrate or supernatant liquid 
for the tests for aluminum and chromium and label it F-3. Wash 
the precipitate with 3 ml. of water and centrifuge or filter again, 
discarding the wash water. Repeat the washing. 16 

To the precipitate add 1 ml. of To the precipitate on the 
3 M HC1. Centrifuge the solu- filter paper add 1 ml. of 
tion, if necessary, and pour the 3 M HC1. Wash with 1 ml. of 
supernatant solution into another water and combine with the 
test tube. (Save the residue.) 17 solution. (Retain any residue 
Dilute with 1 ml. of water. left on the filter.) 17 
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Add 2 drops of 1 M KCNS solution. A deep red color indicates 
or confirms the presence of Fe +++ ion. A very light pink color 
which might appear at this point may be due to a small amount 
of iron which has crept into the solution as an impurity in the 
reagents. 

Note 15. If Mn ++ ion was originally present and was not washed out of 
the hydroxides or was withheld as Mn(OH) 3 , a black precipitate of MnO 2 
will appear at this point. It will not interfere with the test for Fe +++ ion. 

m Note 16. If the precipitate is not thoroughly washed , the NaOH retained 
with the precipitate will neutralize the HCl added later and the Fe(OH) 3 may 
not be completely dissolved. 

Note 17. If Mn ++ ion was not detected in F-l and if a black residue re- 
mains at this point, carry out the following test for Mn + + ion. Transfer the 
residue to a small casserole with 2 ml. of 6 M HNO 3 . Add one small spatula- 
full of solid sodium bismuthate and heat to boiling. Dilute with 2 ml. of water 
and centrifuge or filter if necessary. If the black residue contained Mn0 2 the 
resulting solution will appear purple in color due to the MnOf ion. (See 


F-3. Test for A1+++ Ion. The solution F-3 may contain A10 2 ~ 
and Cr0 4 ions. Carefully neutralize the solution with 12 M 
HCl. Make alkaline with 6 M NH 4 OH and add 10 drops of the 
NH 4 OH in excess. Heat. A white gelatinous precipitate in- 
dicates the presence of Al ++ ' f ion in the original solution. If 
the solution is not yellow an appreciable amount of Cr0 4 — ion 
is not present. Filter 18 (do not centrifuge) this solution, even 
though it may appear to contain no precipitate. Retain the 
filtrate for the test for chromium and label it F-4. Wash the 
precipitate with 1 ml. of water. Discard the wash w r ater. Wash 
again. Pour 1 ml. of 3 M HCl over the filter and collect the 
solution in a 10 ml. test tube. Wash the filter with 1 ml. of water 
and add this to the acid solution. Add 3 drops of 3 M NH 4 Ac 
solution and 3 drops of aluminon reagent. 19 Stir the solution and 
add 6 M NH 4 OH until slightly alkaline. Heat gently. A red 
flecculent precipitate of Al(OH) 3 with the red dye adsorbed to it 
indicates presence of A! ++ + in the original solution. This red 
color should persist after 3 drops of (NH^COs reagent has been 
added. 


Note 18. The Al(OH) z precipitate is often very difficult to observe at this 
point. Any H 2 0 2 which may be present may decompose and the oxygen lib- 
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erated will adhere to the AKOH) t causing it to rise to the surface of the solu- 
tion. This effect makes centrifugation inadvisable. 

Note 19. These reagents must be added to the solution in the order given 
in the test. The conditions for the formation of the red lake have been deter- 
mined empirically. 


F-4. Test for Cr0 4 — Ion. To the solution which contains 
the Cr0 4 — ion (it should be yellow if present) add 6 M acetic 
acid 20 drop by drop until the solution is just acidic. Add a few 
drops of 0.2 M Pb(Ac) 2 solution. A deep yellow precipitate of 
PbCr0 4 indicates the presence of chromium in the original solu- 
tion. 


Note 20. If the yellow color of the CrOc ~ ion disappears when the HAc 
is added, the CrOc “ has probably been reduced to the green Cr +++ ion by 
J1„0 2 which was previously not removed by boiling. If this should happen, 
Cr{OH)z may again be precipitated upon the addition of NHiOH. The 
Cr{OH)z may then be converted to the Cr0 4 ion and the test repeated. 


Equations for Pertinent Reactions 

A1 +++ + 3NH 4 OH = A1(OH) 3w + 3NH 4 + 

Cr +++ + 3NH 4 OH = Cr(OH)s(j) + 3NH 4 + 

2Fe +++ + 3S— = Fe 2 S 3w 

M++ + S — = MS (8) (M++ = Co ++ , Ni ++ , Mn++ and Zn ++ ) 

Al(OH) 3( ,) + 3H+ = A1+++ + 3H 2 0 
MnS( 8 ) + 2H + = Mn ++ + H2S 

CoS (,) + 2N0 3 - + 4H+ = Co ++ + 2N0 2 + S ( .) + 2H 2 0 
H 2 S + Br 2 = S( S ) + 2H+ + 2Br“ 

Co ++ + 2HAc + 7N0 2 - + 3K+ 

= NO + H 2 0 + 2Ac~ + K 3 Co(N0 2 )6(8) 

Ni++ + 2NH 4 OH + 2C 4 H 6 N 2 0 2 H 2 

= NiC 8 H 14 N 4 04(») + 2NH 4 + + 2H 2 0 

Fe+++ + 3NH4OH = Fe(OH) 3W + 3NH 4 + 

4Mn++ + 0 2 + 8NH 4 OH + 2H 2 0 = 4Mn(OH) 3(s) + 8NH 4 + 
2Mn ++ + 5NaBi0 3(S ) + 14H+ 

= 2Mn0 4 ~ 4- 5Bi+++ + 5Na+ + 7H 2 0 

10Br- + 2Mn0 4 ~ + 16H+ = 2Mn ++ + 5Br 2 + 8H 2 0 
Fe +++ + 30H - = Fe(OH) 3w 
Al(OH) sw + OH- = A10 2 - + 2H 2 0 
Cr(OH) 3( 8) + OH- = Cr0 2 - + 2H 2 Q 
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2Cr0 2 - + 3H0 2 - = 2CrO«“ + OH- + H 2 0 
Fe(OH) 3w + 3H+ = Fe+++ + 3H 2 0 
Fe+++ + 6CNS- = Fe(CNS) 6 - — 

2Mn(OH)* w + H0 2 - = 2Mn0 2( „ + OH~ + 3H 2 0 
2Mn0 2(S ) “I" 3NaBi0 3 ( S ) lOH"^ 

= 2Mn0 4 - + 3Bi+++ + 3Na+ + 5H 2 0 
Cr 2 0 7 — + 2Pb(Ac) 2 + H 2 0 = 2PbCrO«., + 2HAc + 2Ac~ 


CHAPTER XV 


THE ALKALINE EARTH GROUP OF IONS 
Ba ++ , Sr ++ , Ca ++ and Mg ++ Ions 

The alkaline earth metals and magnesium are all included 
in the second main group of the periodic table. All exhibit 
a single valence, plus two ; accordingly, they form only one 
series of compounds. These elements are highly electro- 
positive and therefore they are excellent reducing agents. 
The hydroxides of these elements are strong and may be 
regarded as completely ionized in aqueous solutions; they 
show no amphoteric properties. The ions of these elements 
are not hydrolyzed, nor do they show any tendency to form 
complex ions. However, they are characterized by the 
formation of a relatively large number of slightly soluble 
salts. 

Calcium, strontium and barium resemble each other very 
closely in their physical and chemical properties. Mag- 
nesium, on the other hand, is less electropositive than the 
alkaline earth elements and differs chemically from them in 
many respects. In the analytical procedures magnesium is 
separated from the alkaline earth ions and treated separately. 

Barium Ion, Ba ++ — Strontium Ion, Sr++ — Calcium Ion, 
Ca ++ . The tables on page 388 list some of the slightly soluble 
compounds of these ions in equilibrium with their saturated 
solutions. These compounds are arranged according to de- 
creasing concentration of the metal ion at equilibrium. Al- 
though there are many other slightly soluble compounds of 
these ions, the tables give those most frequently encountered 
by the student in the separation and identification of the ions 
according to the analytical procedures. In addition, where 
accurate quantitative data are lacking regarding the solubility 
of the compounds, no attempt has been made to place them 
in the tables. An examination of the three tables demon- 
strates the similarity of the alkaline earth ions. 
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TABLE 25 


Equilibria Involving Barium Ion 


Ba++ + 20H- 
Ba++ + 2F~ 
Ba++ + S 2 0 3 — 
Ba++ + SiF,— 
Ba++ + S0 3 — 
Ba++ 4- C 2 04 _ ~ 
Ba++ + 2IO3- 
Ba^ 4- CO3 
Ba++ + Cr0 4 — 
Ba++ + S0 4 — 
3Ba++ + 2PO«“ 


: Ba(OH)o w 
BaF 2(s) 
BaS 2 0 3(S ) 
BaSiF 6(s) 
BaS0 3(S ) 
BaC 2 0 4w 

Ba(I03)2( S ) 

Ba00 3 ( S ) 

BaCr04 (s) 

BaS04( S ) 

Ba3(P0 4 )2 (s) 


TABLE 26 


<jj Sr++ + 20H- 

= Sr(OH) 2w 

1 g Sr++ + Cr 04 — 

= SrCr04 W 

| r Sr++ 4- 2 F~ 

= SrF 2w 

Sr++ 4 - S0 4 

= SrS0 4(i) 

■| 1 Sr++ 4- C 2 O 4 -- 

= SrC 2 04 W 

§ -I Sr++ 4- C0 3 — 

= SrCO» w 

fi 1 3Sr++ + 2P0 4 

= Sr 3 (P 04 ) 2(s) 


TABLE 27 

Equilibria Involving Calcium Ion 

s 

r Ca++ + Cr0 4 = CaCr0 4(s) 

*6 Ca++ + 20H- = Ca(OH), w 

0 Ca ++ 4- 2I0 3 _ = Ca(I0 3 ) 2w 

| Ca++ + C4H4O — = CaC 4 H 4 0 6(s) 

| Ca++ + SO4— = CaS0 4 ( S ) 

1 3Ca++ + 2P0 4 = Ca 3 (P04) 2 (.) 

| Ca++ 4- 2F- = CaF 2(e) 

3 Ca++ + SO3— = CaS0 3 (rt 

| Ca++ + C0 3 — = CaC0 3 ( S) 

I Ca++ + C 2 0 4 — = CaC 2 0 4 («) 

Q i 


Equilibria Involving Strontium Ion 


ALKALINE EARTH IONS 389 

The molar solubility of some of the members of these 
tables is very nearly the same. Accordingly, the order may 
be reversed by making the concentration of the anion of 
the more soluble salt relatively high. For example, BaC0 3 
is only slightly less soluble than Ba(I0 3 ) 2 . On the basis of 
the order given in Table 25, C0 3 -- ion reacts with a satu- 
rated solution of Ba(IQ 3 ) 2 to produce solid BaC0 3 . It 
must be remembered that the order in these tables is based 
entirely upon the concentration of the positive ion at equi- 
librium with the slightly soluble salt. 

Ammonium hydroxide does not give a precipitate with 
solutions containing the ions, Ba ++ , Ca ++ and Sr ++ . The 
most insoluble hydroxide of the three ions is Ca(OH) 2 , but 
even in this case NH 4 OH does not furnish a high enough 
concentration of OH - to precipitate Ca(OH) 2 . A small 
amount of precipitate of CaCOs might be formed with this 
reagent due to the presence of C0 3 — ions produced by ab- 
sorption of C0 2 from the atmosphere. In dealing with this 
group it is therefore essential that all precipitating reagents 
be as free as possible from C0 3 ions. 

Ammonium carbonate or sodium carbonate precipitates 
from neutral or alkaline solutions of these ions the corre- 
sponding relatively in soluble carbonates. These carbonates 
are somewhat soluble in solutions containing ammonium 
salts of strong acids. This effect is due to the hydrolysis 
of the N TT 1 + with the eventual production of HC0 3 _ ions as 
the following equilibrium system demonstrates. 

MC0 3 ( S ) = M++ + COs 

+ 

NH 4 + + H 2 0 = NH 4 OH + H+ (130) 

it 

HCO 3 - 

This process uses up C0 3 — which can be regenerated only by 
more MC0 3 going into solution. 

The alkaline earth carbonates are readily soluble in solu- 
tions of acids. 
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MC0 3(s) = M++ + C 0 3 

+ 

H+ (131) 

J-t 

hco 3 - + H+ = H 2 C0 3 = H 2 0 + C0 2(s) 

The H+ ion combines with C 0 3 — to first produce HCO-r 
ion. With relatively high H+ ion concentration the H 2 C0 3 
produced exceeds the solubility of C0 2 in water at one at- 
mosphere pressure. This effect demands a supply of HC0 3 - 
ions which in turn requires the production of more C0 3 — 
ions, and the latter process involves solution of MC 0 3 . 
Acetic acid produces sufficient H+ ions to dissolve the car- 
bonates of this group with the liberation of C0 2 . The alkaline 
earth metal carbonates are also somewhat soluble in H 2 C 0 3 
solutions. Obviously, in this case C0 2 is not liberated, but 
the increased solubility is due to formation of HC0 3 - ion. 

MC0 3w = M++ + C0 3 — 

+ 

H 2 C0 3 = HC0 3 _ + H+ (132) 

it 

hco 3 - 

Water of “temporary hardness” contains Ca++ and HC0 3 ~ 
ions in appreciable quantities, which have been produced by 
the above process (132) from limestone and water contain- 
ing H 2 C0 3 . 

The addition of SO 4 ion to solutions containing the 
alkaline earth metal ions causes the precipitation of the 
sulfate in each case. Of these, BaS0 4 is the least and CaS0 4 
the most soluble. The molar solubility of CaS0 4 is about 
800 times as great as that of BaS0 4 . The solubility of all 
insoluble sulfates is increased only slightly by the addition 
of very strong acids. This small solubility effect of H+ ion 
is due to the fact that H+ and S0 4 ions have some ten- 
dency to combine to form HS0 4 - ion. In contrast to the 
C 0 3 ion, the HS0 4 ~ ion is a moderately strong acid. In 
•01 M solutions the extent of ionization of the HS0 4 ~ ion 
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is about 50%. Since a saturated solution of BaS 04 pro- 
duces such a small concentration of S0 4 — ion its solubility 
is increased only to an inappreciable extent in the presence 
of strong acids. SrS0 4 and CaS0 4 , however, are considerably 
more soluble in such solutions. 

A solution containing an appreciable concentration of 
CrO. 4 — ion will precipitate barium chromate, strontium 
chromate and calcium chromate. BaCr0 4 is the least soluble 
and CaCr0 4 the most soluble of the group. The molar 
solubility of CaCr0 4 is almost 10,000 times as great as that 
of BaCr0 4 , while the molar solubility of SrCr0 4 is about 
400 times that of BaCr 0 4 . Since the HCr0 4 ~ ion is a very- 
weak acid, strong acids will dissolve BaCr0 4 . The equi- 
librium involved is 

BaCr0 4(s) = Ba ++ + Cr0 4 — 

+ 

H+ 

ft 

2HCr0 4 

It is obvious that BaCr0 4 cannot be precipitated from solu- 
tions of high H+ ion concentration. 

Acetic acid does not furnish sufficient H + ions to shift the 
equilibrium (133) to the right appreciably. The situation is 
somewhat different with SrCr0 4 and CaCr0 4 . Since these 
chromates are so much more soluble than BaCr0 4 they 
furnish considerable quantities of Cr0 4 ions in their satu- 
rated solutions. In these solutions the concentration of the 
Cr0 4 — ion is sufficiently high so that acetic acid will dis- 
solve the solid chromate. In other words, solutions con- 
taining acetic acid and Sr ++ or Ca++ ions will not give a 
precipitate of SrCr0 4 or of CaCr0 4 upon the addition of 
soluble chromate. This serves as a means of separating Ba ++ 
ion from Sr ++ and Ca ++ ions. 

Ammonium oxalate precipitates barium, strontium and 
calcium oxalates. The solubility of all three salts is of the 
same order of magnitude; BaC 20 4 is only about 8 times as 


(133) 

— = Cr^Oy -j- 1LO 
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soluble as CaC 2 0 4 and twice as soluble as SrC 2 0 4 in terms of 
moles per liter of solution. Strong acids and even hot acetic 
acid will dissolve BaC 2 Q 4 readily. The same is true for 
SrC 2 0 4 but CaC 2 0 4 is somewhat less soluble and although it 
is soluble in solutions containing a high concentration of H+ 
ion, it fails to dissolve to a large extent in acetic acid solu- 
tions. This result gives a method for separating Ca ++ ion 
from Sr++ and Ba++ ions. Since both H 2 C 2 0 4 and HC 2 0 4 - 
ion are moderately weak acids the solubility of relatively 
insoluble oxalates in solutions of strong acids can be ex- 
plained by equilibrium considerations similar to those of 
equations (131) and (133). In the precipitation of CaC 2 0 4 
by ammonium oxalate solution it is desirable to add NH 4 OH. 
The latter tends to prevent the hydrolysis of the NH 4 + ion, 
thereby decreasing the concentration of H+ ion in the solu- 
tion, a condition necessary for more complete precipitation. 

In neutral solutions containing Ba ++ , Sr++ and Ca ++ ions, 
Na 2 HP0 4 solution precipitates the corresponding salts of 
these ions. 

M++ + HP0 4 — = MHP0 4(s) (134) 

In the presence of NH 4 OH the normal salts are precipitated 
since 

HP0 4 + OH- = P0 4 + H 2 0 (135) 

and 3M++ + 2P0 4 " = M 3 (P0 4 ) 2(s , (136) 

The dihydrogen phosphate salts, M(H 2 P0 4 ) 2 , are relatively 
soluble. Both M 3 (P 0 4 ) 2 , and MHP0 4 are readily soluble in 
dilute solutions of strong acids and even in acetic acid, due 
to the formation of the HP0 4 _ - and H 2 P0 4 - ions respectively. 

Flame Tests.. When heated in the Bunsen flame, barium 
salts impart to it a yellowish green color; strontium salts, a 
bright red color; and calcium salts, a brick red color. When 
piesent in a mixture of salts the color due to either barium 
or calcium does not persist long. 

Magnesium Ion, Mg ++ . Magnesium differs markedly 
fiom the alkaline earth metals in that its sulfate and chro- 
mate are highly soluble and its oxalate and carbonate are 
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moderately soluble. It is apparent that the same reagents 
cannot be used for the precipitation and separation of 
magnesium as for the alkaline earth metal ions. The follow- 
ing table gives a list of slightly soluble magnesium compounds 
in equilibrium with their ions and arranged in the order of 
decreasing Mg ++ ion concentration. 


TABLE 28 

Equilibria Involving Magnesium Ion 


fl ti 

© O 


O M 
.5 o 

§ a 
© .2 

| 2 
P +> 


Mg++ + C 2 0r- 
Mg++ + CO,— 

Mg ++ + 2F- 

3Mg ++ + 2P0 4 

Mg++ +20H- 

M g ++ + NH 4 + + PO 4 = MgNH 4 PO. 


= MgC 2 0 4 ( S ) 

=* MgC0 3(S ) 

= MgF 2w 
= 1^1 S3 (PO 4 ) 2(a) 
= Mg(OH) 2( a) 


4(a) 


Alkali hydroxides and ammonium hydroxide precipitate 
magnesium hydroxide from solutions containing Mg ++ ion. 
The Mg (OH) 2 is not soluble in an excess of any of these 
reagents. On the other hand, it is soluble in the presence 
of appreciable amounts of NH 4 + ion. The precipitation of 
the hydroxide by NH4OH may be expressed by 

Mg++ + 2NH4OH = Mg(OH) 2(s) + 2NH 4 + (137) 

It is evident that the presence of NH 4 + ions in excess de- 
creases the concentration of the OH - ion; this effect is 
sufficient to cause the Mg(OH) 2 to dissolve. In other words, 
the equilibrium above is shifted to the left. Advantage is 
taken of this property in the separation of Ba ++ , Sr++ and 
Ca ++ ions from Mg ++ ion. To the solution containing all 
these ions is added a solution containing NH 4 OH and 
(NH 4 ) 2 C0 3 . CaC0 3 , SrCOs and BaC0 3 precipitate since the 
C0 3 — ion concentration is sufficiently high to exceed the 
respective solubility product constants. MgC0 3 does not 
precipitate since it is moderately soluble, nor does Mg(OH) 2 
precipitate since the concentration of the NH 4 + ion in the 
solution is high and the concentration of the OH - ion too 
low to exceed the solubility product constant for Mg(OH) 2 . 
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In dilute solutions, ammonium oxalate does not give a 
precipitate with Mg ++ ion. However, in the more con- 
centrated solutions of the reagent a precipitate appears 
having the composition, MgC 2 0 4 • 2H 2 0. 

A solution of NaJHPCh when added to one containing 
Mg++ ions gives a white precipitate of MgHP0 4 • 7H 2 0. On 

the other hand, if NH 4 OH and NH 4 C1 are present, P0 4 

ion gives a characteristic white, crystalline precipitate of 
MgNH 4 P0 4 since, 

HPO4— + NH 4 OH = P0 4 + NH 4 + + H 2 0 (138) 

and 

P0 4 + Mg++ + NH 4 + = MgNH 4 P0 4(8) (139) 

It is evident that MgNH 4 P0 4 is soluble in relatively weak 
acids. 

Several organic reagents have been found applicable as 
characteristic tests for Mg++ ion. Of these one of the most 
sensitive and successful makes use of p-nitrobenzeneazore- 
sorcinol as the reagent ( S . and 0. reagent ) . It is claimed that 
as little as 1/500 milligram of Mg++ ion can be detected by 
this reagent. A convenient concentration for its use is a 
0.5% solution of the dye in 1 % sodium hydroxide solution. 

Preliminary Experiments 

1. In the following chart the ions of the alkaline earth group 
are listed horizontally and a number of reagents vertically. In 
the blank spaces provided in a similar chart made in your note- 
book give the products of the reactions when the specified reagent 
is added drop by drop to a solution of the ion in question. If the 
product is a precipitate, indicate this fact by denoting the solid 
phase as, for example, BaC0 3(8) . Indicate the color of all pre- 
cipitates and solutions containing new products. If no reaction 
takes place as far as you can ascertain, write no reaction. From 
your knowledge of the chemical properties of these ions fill in as 
many blank spaces as possible without carrying out the experiments. 
If you are not familiar with the reaction in Question, perform an 
experiment to obtain the desired information. 
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Reagent added 

Ba ++ 

Sr++ 

Ca++ 

Mg++ 

6 M NH 4 OH 





6 M NaOH 





6 M NH4OH + H 2 S 


* 



(NH 4 ) 2 C0 3 





1 M K 2 Cr0 4 in 1 M 
HAc solution 





6 M H 2 S0 4 





0.1 M (NH 4 ) 2 C 2 0 4 






2. On the basis of the relative positions of BaC0 3 and BaS0 4 
in Table 25, predict what would take place if solid BaC0 3 were 
treated with Na 2 SG 4 solution. Prepare some solid BaC0 3 by add- 
ing Na2C0 3 solution to one of BaCl 2 . Centrifuge or filter and wash 
the precipitate to remove any excess C0 3 _ “ ion. Test your predic- 
tion by adding some of the solid BaC0 3 to hot 1 M Na 2 S0 4 solu- 
tion. After centrifuging or filtering, test the filtrate for C0 3 ion 
by adding HC1, noting evolution of C0 2 . Write the equation for 
the reaction taking place. 

3. How may the reaction of (2) be reversed? Devise an ex- 
periment to determine whether it is possible to carry out this 
reversal to an appreciable extent. Make certain the BaS0 4(s) is 
free from excess S0 4 ~ ” ion. Use a saturated solution of K 2 C0 3 . 
In making a test for S0 4 _ “ ion in the presence of C0 3 “* “ ion, the 
C0 3 ~ “ ion must first be removed by the addition of excess HC1 
or HN0 3 . 

4. Prepare the two following solutions: (a) 2 drops of 0.1 M 
Mg(N0 3 ) 2 solution and 2 ml. of water, (b) 2 drops of 0.1 M 
Mg(N0 3 ) 2 solution, 1 ml. of 5 M NH 4 C1 solution, and 1 ml. of 
water. To each of these solutions add 2 drops of 15 M NH 4 OH. 
Explain why a precipitate of Mg(OH) 2 is obtained in solution (a) 
but not in solution (b). 

5. Add 6 drops of 0.1 M Mg(N0 3 )2 solution to 2 ml. of water 
and with this solution perform test H on page 402 for the Mg ++ 



396 


THE ALKALINE EARTH GROUP 


ion. Note particularly the appearance of the precipitate 
MgNH 4 P0 4 and of the lake formed between the S. and 0. reagent 
and the Mg(OH) 2 . 

6. The purpose of this experiment is to acquaint the student 
with the method of separating and detecting Ca ++ and Sr ++ ions 
as it is carried out in the analytical procedure. 

Prepare each of the following test solutions: (a) 3 drops of 
0.1 M Ca(N0 3 ) 2 and 3 drops of 0.1 If Sr(N0 3 ) 2 , (b) 6 drops of 
0.1 M Sr(N0 3 )2, (c) 6 drops of 0.1 M Ca(N0 3 ) 2 , and (d) 10 drops 
of 0.1 M Sr(N0 3 ) 2 and 1 drop of 0.1 M Ca(N0 3 ) 2 . On each of 
these solutions perform the following operations (work with one 
solution at a time). 

Add 10 drops of 6 M HNO s and 1.5 ml. of 2 M NaHS0 4 solu- 
tion (see Note 4 of the analytical procedure). Heat to boiling. 
Any precipitate formed is SrS0 4 . Cool the solution under the tap 
and centrifuge or filter. Reserve the precipitate for a later flame 
test. Label it (1). To the filtrate or supernatant liquid add 15 M 
NH 4 OH dropwise until akaline, cooling the solution under the 
tap as the NH 4 GH is added. Now heat the solution. If Ca + + ion 
is present, a precipitate of CaS0 4 will form when the solution is 
heated. Filter or centrifuge. Reserve any precipitate for a later 
test. Label it (2). 

To the filtrate or supernatant liquid add 1 ml. of 0.1 M 
(NH 4 ) 2 C 2 04 solution. Shake the solution and allow it to stand 
for a few minutes. If Csl + + ion is present, a faint precipitate of 
CaC 2 0 4 may appear (CaC 2 0 4 does not precipitate readily when 
the S0 4 ~~ ion concentration is high). 

Wash the precipitate (2) with water. Discard the wash water 
and to the precipitate add 1 ml. of (NH 4 ) 2 C0 3 reagent. (If filtra- 
tion is used, puncture the filter paper in this operation.) Stir and 
heat the solution. Any solid sulfate will be converted to carbonate. 
Centrifuge or filter. Wash and discard the wash water. Now dis- 
solve the precipitate in 1 ml. of 1 If HC1. Add 6 M NELOH until 
alkaline and then add only one drop of 0.1 M (NH 4 ) 2 C 2 04 solution. 
If Ca ++ ion is present, a white precipitate of CaC 2 0 4 will appear. 

Wash the precipitate (1), if any was formed, and treat it with 
1 ml. of (NH 4 ) 2 C0 3 reagent. Heat and stir. The SrS0 4 is con- 
verted to SrC0 3 . Centrifuge or filter. To the solid SrC0 3 add 
3 drops of 6 M HC1 and with this solution make a flame test for 
strontium. 
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7. Carry out flame tests on different solutions containing the 
ions of the alkaline earth group. Add a few drops of 6 M HC1 to 
each solution. It is essential to become familiar with these tests. 

8. For each of the following cases devise a method for separat- 
ing and identifying the two ions in question. 

(a) Ba ++ and Ca ++ 

(b) Mg ++ and Ca++ 

(c) Ba ++ and Mg ++ 

(d) Sr ++ and Mg ++ 

(e) Ba ++ and Sr ++ 


'I 





:: 

; 

, j 

: m i 






Precipitate 


Apply flame 
test. 
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Procedure for the Analysis of the Alkaline Earth Group 


SCHEMATIC OUTLINE 


Solution : Ca + + , Sr + + , Ba + + and Mg + + . 

Add 5 M NH 4 CI, 15 M NH 4 OH and (NH 4 ) 2 C0 3 . 

(G-H) 

| Precipitate: CaC03, SrC0 3 , BaC0 3 . 

[ Dissolve in 6 M HAc. 

(G) 


Solution: Mg + + . 
(H) 


Add 3 M 
NH 4 Ac. 
Add 1 M 
K 2 Cr 04 . 
Precipitate: 
BaCr0 4 . 
Dissolve in 
6 M HC1. 
Add 

6 M H2SO4. 
(G-l) 

Precipitate: 

BaS04. 


Solution: Ca + + , Sr ++ . 

Add 15 M NH 4 OH and (NH 4 ) 2 C0 3 . 

Precipitate: CaC0 3 , SrC 0 3 . 

Add 6 M HNOs and 2 M NaHS0 4 . 


SrS0 4 . 

Add 

(NH 4 ) 2 C0 3 . 

(G-2) 

Precipitate: 
SrCOs. 
Dissolve in 
6 M HC1. 


Solution: Ca + + . 

Add 15 M NH 4 OH. 

Heat. 

(G-3) 

Precipitate: ( 

DaS0 4 . 

Add 1 

To satu- 

(NH 4 )2C0 3 . 

rated solu- 

1 

tion add 

Ppt. : CaC0 3 . 

(NH 4 ) 2 C 2 04. 

Dissolve in 


HC1. 

Ppt.: 

Add 6 M 

CaC 2 0 4 . 

NH 4 OH. 


Add 


(NH 4 )2C 2 0 4 . 


Ppt.: 


CaC 2 0 4 . 



Add 5 M 
NH4CI. 
Add 15 M 
NH4OH. 
Add 0.5 M 
Na 2 HP0 4 . 

Precipi- 

tate: 

MgNH 4 P0 4 


Add 6 M 
NaOH. 

Heat to dry- 
ness. 

Add 6 M HC1 
and water. 

Add S. and 
O. reagent. 

Add 6 M 
NaOH. 

Precipitate : 

Mg(OH)s 
j + dye 
(blue). 
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G-H. Precipitation of the Alkaline Earth Group* Obtain from 
the laboratory instructor a sample of the unknown to be analyzed. 
To 3 ml. of this sample in a 10 ml test tube add 2 ml. of 5 M 
NH 4 C1 solution, make alkaline with 15 M NH 4 OH solution, and 
add 3 drops of the 15 M NH 4 OH in excess. Heat the solution 
almost to boiling 1 (do not boil) and with constant stirring add 
2 ml. of the prepared (NH 4 ) 2 C03 reagent. Allow the solution to 
stand for a few minutes and centrifuge or filter. To the filtrate 
or supernatant liquid add a few drops of the (NH 4 ) 2 C0 3 reagent 
to test for completeness of precipitation, and combine any pre- 
cipitate formed with that originally obtained. Continue testing 
for completeness of precipitation until no more precipitate is 
formed. The white carbonates of Ba ++ , Ca ++ , and Sr + + ions 
may be present in the precipitate (G). The filtrate (H) may 
contain the Mg ++ ion. 2 

Note 1. The 'purpose of heating at this point is to prevent the formation 
of too gelatinous a precipitate which is not easily washed. 

Note 2. Mg(0H) 2 has a sufficiently large solubility product constant 
that it will not precipitate when the OH~ ion concentration is as low as in 
this buffered solution. 


G-L Test for Ba ++ Ion. Wash the white carbonate precipi- 
tate (G) with 3 ml. of warm water, centrifuge or filter and discard 
the washings. Repeat the washing. 


To the precipitate in 
the test tube add drop- 
wise 6 M HAc until the 
precipitate is just dis- 
solved. Use the stirring 
rod to agitate the pre- 
cipitate and solution 
after the addition of each 
drop of Q M HAc. 


To the precipitate on the filter add 
1 ml. of 3 M HAc with the aid of the 
capillary syringe, collecting the solu- 
tion in a 10 ml. test tube. If the pre- 
cipitate is not completely dissolved, 
add 10 drops of 3 M HAc to the solu- 
tion already collected and again pour 
this over the precipitate, collecting the 
solution in a 10 ml. test tube. 


Add 10 drops of 3 M NH4AC solution and dilute with 3 ml. of 
water. Now add 10 drops of 1 M K 2 Cr0 4 solution. A yellow 
precipitate of BaCr0 4 indicates the presence of Ba ++ ion in the 
original solution. Heat the solution and centrifuge or filter. Re- 
tain the filtrate and label it G-2. This will contain any Ca ++ 
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and Sr ++ ions present in the original solution. Wash the collected 
BaCr 04 precipitate twice, using 3 ml. of water each time. Dis- 
card the washings. 

To confirm the presence of Ba ++ ion, dissolve the yellow BaCr0 4 
with 1 ml of 6 M HC1. Add to the solution 2 drops of 6 If 
H 2 S0 4 to precipitate the white BaS0 4 . The color of the solution 
will make the precipitate appear yellow. Filter or centrifuge to 
ascertain whether the precipitate is white. 

G-2. Test for Sr ++ Ion. To the orange-yellow solution which 
is to be tested for both Sr ++ and Ca ++ ions, add 15 M NH 4 OH 
dropwise until the solution changes to a lighter yellow color. 3 
Add 3 drops of the 15 M NH 4 OH in excess. Heat this solution 
(do not boil) and then add 2 ml. of the prepared (NH 4 ) 2 C0 3 re- 
agent. Allow it to stand for a few minutes and centrifuge or 
filter. Test the supernatant liquid or filtrate, as the case may 
be, for completeness of precipitation, and if precipitation is found 
to be complete, discard the liquid. Wash the precipitate with 
3 ml. of hot water and discard the washings. Repeat the washing 
twice. 


To the precipitate in 
the test tube add 12 
drops of 6 M HN0 3 and 
12 drops of water. The 
precipitate will dissolve 
and HNO3 will be pres- 
ent in excess. 


Dissolve the precipitate on the filter 
with 1 ml. of 3 M HN0 3 and collect the 
solution in a 10 ml. test tube. Wash 
the filter with 10 drops of 3 AT HNO 3 
and add to the solution. 


Now add 1.5 ml. of 2 M NaHS0 4 solution and heat to boiling. 
Under these conditions SrS0 4 will precipitate while Ca ++ ion will 
still be retained in the solution. 4 If no precipitate appears at 
this point, Sr ++ ion was absent in the original solution. If a 
precipitate appears, centrifuge or filter the solution and retain 
the filtrate (G-3) to test for the Ca ++ ion. 

To confirm the presence of Sr ++ ion, first wash the precipitate 
of SrS0 4 several times w r ith water. 


To the precipitate 
now add 2 ml. of the 
(NH 4 ) 2 C0 3 reagent, heat 
and stir. The SrS0 4 will 
be converted to SrCCb. 


Puncture a hole in the apex of the 
filter paper and with 2 ml. of the 
(NH 4 ) 2 C0 3 solution wash it into a 
10 ml. test tube. Heat the solution 
and stir. The SrS0 4 will be converted 
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Centrifuge and to the 
precipitate add 3 drops 
of 6 M HC1, and with a 
piece of Chromel wire 
looped at the end make 
the flame test for Sr + + 
ion. The strontium salts 
impart a deep red color 
to the flame. 


to the less soluble SrC0 3 . Filter the 
solution. With a piece of Chromel 
wire looped at the end gather up some 
of the precipitate from the filter 
paper, dip it into a drop of 6 M HC1 
previously placed on a watch glass 
and insert into a flame. Strontium 
salts impart a deep red color to the 
flame. 


Note 3. The change in color is due to the following reaction. 

Cr 2 0 7 “ ~ (orange-yellow) + 2NH 4 OH = 

2Cr0 4 -“ (yellow) + 2NH 4 + + H 2 0 

Note 4. HSOf~ ion is a weak add with a dissodation constant equal to 

10 ~ K (H+KSO-) _ in _ 2 

(HSOr) 10 

Under the conditions existing in this solution the H + ion concentration is 
about 1.8 M and the HSOaT ion concentration about 1 M. The S0 4 ~~~ ion 
concentration is therefore approximately equal to 10 ~ 2 M. Since the solubil- 
ity product constant for SrS0 4 has a value of 2.9 X 10~ 7 , the concentration 
of the Sr ++ ion , after the SrS0 4 has been predpitated , is only approximately 
8 X 10~ 5 M. 

The solubility product constant for CaS0 4 is equal to 6 X 10~ h , and with 
the SOf~ ion concentration equal to about 10 ~ 2 (as it is in this solution ), 
the Ca ++ ion concentration can be as high as 6 X 10~ z M without the pre - 
dpitation of CaS0 4 . The concentration of the SOr ” ion in the solution re- 
mains practically constant even though a small amount is removed by the 
precipitation of Sr SO 4 . As SO a ion is consumed , it is regenerated from 
the HSOa~ ion. The S0 4 ion concentration is therefore “buffered.” 

Even though the concentration of the Ca ++ ion may be great enough that 
it should give a predpitate , it will not do so because of the low rate of predpi - 
tation of CaS0 4 when the solution is only slightly supersaturated. 


G-3. Test for Ca ++ Ion. Cool solution G-3 under the tap, if 
necessary. Add 15 M NH 4 OH dropwise until just alkaline and 
then add 1 drop in excess. With the addition of every few drops 
of the NH 4 OH cool the solution under the tap. 

Heat the solution. If a heavy precipitate is formed upon 
heating, Ca ++ ion is present. If a slight precipitate is obtained, 
it is not sufficient evidence for the presence of Ca ++ ion and the 
following confirmatory tests must therefore be made. 5 In such a 
case, filter or centrifuge. Save the precipitate and label it G-3-X. 
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To the supernatant liquid or filtrate add 1 ml. of 0.1 M 
(NH4)*Ca0 4 solution. Heat gently and allow the solution to stand 
for a few minutes. If a faint precipitate is formed it is positive 
evidence that Ca +4 “ ion is present. If no precipitate is formed 
it is not sufficient evidence that Ca ++ ion is absent. 6 

Wash the previously formed precipitate G— 3-X once with water. 
Discard the wash water. 


Add 1 ml. of (NH 4 ) 2 C0 3 
solution to the precipitate 
in a test tube. Heat and 
centrifuge. W T ash with 2 
ml. of water and discard the 
wash water. To the pre- 
cipitate add 2 drops of 6 M 
HC1 and dilute with 1 ml. 
of water. 


Puncture the filter paper and with 
1 ml. of (NH 4 ) 2 C0 3 solution wash 
the precipitate into a small test tube. 
Heat and filter. .Wash the precipi- 
tate with 2 ml. of water and discard 
the wash water. Dissolve the pre- 
cipitate on the filter with 1 ml. of 
1 M HC1 solution, collecting the 
solution in a small test tube. 


Add 6 M NH 4 OH dropwise until alkaline and then add 1 
drop in excess. Now add only 1 drop of 0.1 If (NH 4 ) 2 C 2 04 solu- 
tion. If the precipitate G-3-X w r as CaS0 4 , a definite white pre- 
cipitate of CaC 2 0 4 is obtained in this test. 


Note 5. A faint precipitate here may he Sr SO 4 . The buffered SO.C “ ion 
solution used in G -2 wilt leave a very small concentration of Sr ++ ion in the 
solution, which may then be precipitated as Sr SO 4 at this point. A faint 
precipitate is therefore not sufficient evidence for the presence of Ca ++ ion if 
Sr ++ ion was found to be present in test G- 2 . 

Note 6. If Ca ++ ion is present its concentration is very small in this 
solution. CaCzO\ is precipitated with difficulty in the presence of a high con- 
centration of SO.r~ ion. The concentration of any residual Sr ++ ion is so 
small at this point that a precipitate of SrCfD^ cannot be formed. 


H. Test for the Mg ++ Ion. To one-half of the filtrate H add 
10 drops of 5 M NH 4 C1, 5 drops of 15 M NH 4 OH, and 10 drops 
of 0.5 M Na 2 HP0 4 solution in the order named. Stir the mixture 
and allow it to stand for a few minutes. The appearance of a 
white crystalline precipitate of MgNH 4 P0 4 is a test for the Mg ++ 
ion. 

To the other portion of solution H add 2 ml, of 6 M NaOH 
solution, place in a casserole, and heat almost to dryness. 7 Add 
6 M HC1 until the solution is acidic, dilute with water to 2 ml., 
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and transfer the solution to a test tube. Add 1 drop of S. and O. 
reagent 8 and then add 6 M NaOH dropwise until alkaline. Add 
3 drops of 6 M NaOH in excess. If Mg++ ion is present, Mg(OH) 2 
will precipitate with the dye adsorbed to it to give a characteristic 
blue colored lake. 


Note 7. The purpose of heating at this point is to eliminate the NHi + 
ion which is present in the basic solution as NHz. The NHi + ion interferes 
with the formation of the lake. 

Note 8. S. and 0. refers to Suitsu and Okuma who first proposed the use 
of this reagent, p-nitrobenzeneazoresordnol, in the test for Mg ++ ion. 


Equations for Pertinent Reactions 

M++ + COs = MCOsa.) (M++ = Ba++, Ca++ or Sr++) 

MCOsw + 2HAc = M++ + C0 2 + 2Ac~ + H 2 0 
Ba ++ + Cr0 4 = BaCr0 4(s) 

2BaCrO* w + 2S0 4 ~- + 2H+ = 2BaS0 4w + Cr 2 0 7 — + H 2 0 

Sr++ + SO*” = SrS0 4w 

Ca++ + SO*” = CaS0 4w 

SrS0 4 (s) + CO3 = SrC03( S ) + S0 4 

SrC0 3 (.) + 2H+ = Sr++ + C0 2 + H 2 0 

CaS0 4 ( S ) + CO3 = CaC03 (s) + S0 4 

CaC0 3 ( 0 + 2H+ = Ca++ + C0 2 + H 2 0 

Ca ++ + C 2 0 4 = CaC 2 0 4 ( S ) 

Mg ++ + NH 4 + + P0 4 — = MgNH 4 P0 4(s) 

Mg ++ + 20H- = Mg(OH) 2(s) 


CHAPTER XVI 


ANALYSIS OF THE POSITIVE IONS 

In the analysis of all of the common metal ions the pro- 
cedure employed is that of first separating them into several 
groups, each of which contains ions exhibiting a common 
chemical property which is the basis for the separation. For 
example, only Ag + , Hg 2 ++ and Pb ++ ions react with Cl - 
ion to form relatively insoluble chlorides. These three ions 
then constitute one group in the analytical classification. A 
second group is made up of those ions which form insoluble 
sulfides with H 2 S in acid solution. A third group consists 
of ions which form either insoluble hydroxides or sulfides 
when treated with NH 4 OH, NH 4 C1 and H 2 S. A fourth 
group consists of Ca ++ , Sr ++ , Ba ++ and Mg ++ ions. These 
groups, together with the alkali metal group, have already 
been considered in the five previous chapters. 

We shall now devote our attention to the analysis of un- 
known samples which may contain ions belonging to any of 
the five groups. In this chapter we shall consider these 
group separations and a number of complications which may 
arise due to the presence of certain anions. Specific direc- 
tions for the separations will be given up to a point where 
the student can conveniently be referred back to the group 
procedure with which he is familiar. 

At this point we cannot emphasize too strongly the need 
for making certain that any given group is completely sepa- 
rated from the solution and that the group precipitate is 
thoroughly washed. The presence of any ion foreign to a 
group may well give rise to unnecessary complications and 
lead to error in the analysis. 

The following procedure applies to ions already in solu- 
tion. If the unknown sample is an alloy, a salt, or a mix- 
ture of solid substances, it will be necessary to bring the 
sample into solution as completely as possible. To aecom- 
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plish this the unknown must be treated according to the 
directions given in Chapter XVII. If a suspended precipi- 
tate is present in the unknown solution, this must be sepa- 
rated from the solution and treated as a solid (Chapter 


SCHEMATIC OUTLINE FOR SEPARATION OF GROUPS 


Solution: Ions of groups A, B, C-D, E-F, and G-H. 
Test for ions of group A. 

Add HC1. 


Precipi- 
tate : 
AgCl 
Hg 2 Cl 2 
PbCl 2 
(B) 


Solution: Ions of groups C-D, E-F, and G-H. 

Make (H + ) 0.3 M, add H 2 0 2 , and saturate with H 2 S. 

Precipitate: (C-D). Solution: Ions of groups E-F and G-H. 
CuS As 2 S 3 Add NH 4 OH, NH4CI, and H 2 S. 

HgS Sb 2 S 3 — 

Bi 2 S 3 SnS* Precipitate: (E-F). Solution: Ions of group 


Precipitate: (C-D). 
CuS As 2 S 3 

HgS Sb 2 S 3 

Bi 2 S 3 SnS 2 

CdS 

PbS 

Treat with 

NH4OH + H 2 S. 

Residue : 

Solution : 

CuS 

AsS 3 

HgS 

SbS 3 — 

Bi 2 S 3 

SnS 2 

CdS 

PbS 

(C) 

(D) 


ZnS Al(OH) 3 
CoS Cr(OH) 3 
NiS FeS 
MnS 

Treat with 
Na 2 S 04 and 
NaHS0 4 . 

Residue: I Solution: 


G-H. 

Add NH4OH and 

(NH 4 ) 2 C0 3 . 

Precipitate: Solution: 


The solution containing the unknown should first be tested with 
litmus. If it is strongly alkaline, several positive ions are evidently 
absent. If it is acidic, all positive ions may be present provided 
Cl“ ion is absent. Reserve 1 ml. of the solution for making any 
tests you may see fit to determine the presence or absence of some 
ions, and thereby simplify or confirm the analysis. 

A. The Alkali Metal Group. Carry out tests for NH 4 + , Na + 
and K + ions, using the original solution, according to the proce- 
dures A-l, A-2 and A-3 described on pages 301-302. 

B. Precipitation of the Silver Group. If the clear original solu- 
tion is alkaline, add 6 M HC1 until neutral. To 3 ml. of the neutral 
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solution, or to 3 ml. of the clear original solution if acidic, add 1 
drop of 6 M HC1. If no precipitate appears, the ions of the silver 
group are absent; proceed directly to the copper-arsenic group. 
In the event of the formation of a precipitate, add 4 more drops 
of 6 M HC1, 1 stir, and pour the contents of the test tube into a 
filter supported by a 40 mm. funnel. 2 Test the filtrate for com- 
pleteness of precipitation by adding one drop of 6 If HC1. Make 
certain that precipitation is complete. 3 Wash the precipitate B 
with 1 ml. of 1.5 M HC1 and add the wash solution 4 to the filtrate. 
Label the filtrate C-H; it may contain ions of all groups except- 
ing the silver group. Again wash the precipitate with 1 ml. of 
1.5 M HC1 and discard the wash solution. The precipitate B may 
consist of AgCl, Hg 2 Cl 2 and PbCl 2 . It should be examined for the 
presence of these ions according to procedures B-l, B-2 and B-3 
outlined on pages 320 and 321. 


Note 1 . If Sb+ ++ and Bi +++ ions are present in the original solution 
(acidic), the addition of HCl may initially cause the oxychlorides, SbOCl and 
BiOCl, to precipitate. However , further addition of HCl will dissolve these 
oxychlorides. Care should be taken not to confuse the oxychloride precipitate 
with the silver group chloride precipitate. 

Note 2. In the analysis of the silver group it is much more convenient 
to use filtration rather than centrifugation operations . 

Note 3. The solubility of PbCk in the acid solution is much greater than 
that of AgCl and Hg^Ck. Therefore Pb ++ ion is only partially removed at 
this point However, it will appear again in the copper group as PbS. If 
the original solution contains Pb ++ ion in small amount , no PbCk may be 
precipitated in the silver group. 

Note 4, The silver group precipitate is washed to remove occluded liquid 
which may contain io7is of other groups. An HCl solution is used instead of 
water to reduce the amount of PbCk in the wash solution and to prevent the 
precipitation of SbOCl and BiOCl on the filter. 


C-D. Precipitation of the Copper-Arsenic Group. 5 To the fil- 
trate C-H obtained from the separation of the silver group, and 
contained in a 25 ml. Erlenmeyer flask, add 5 drops of 3% H 2 0 2 
and heat the solution to boiling. Before precipitation is carried 
out with H 2 S the H + ion concentration must be made approxi- 
mately equal to 0.3 M. Since the solution may contain an excess 
of H + ion it must first be neutralized before the proper amount of 
acid is added. Add 6 M NH 4 OH dropwise until the solution is 
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just alkaline. Disregard any precipitate which may appear. Add 
a drop or two of 6 M HC1 to make the solution just acidic and then 
add 1 drop of 6 M HC1 for each ml. of the solution (see footnote 3, 
page 345). Add 1 drop of 1 M NHJ solution. (Do not be dis- 
turbed if a precipitate appears here.) 

Heat the solution to boiling and saturate for one minute with 
H 2 S. Heat to boiling again, and again saturate with H 2 S. Cool 
the solution under the tap and saturate with H 2 S once more. 6 - 7 


Pour the solution into a 10 ml. 
test tube; wash out the Erlen- 
meyer flask with 1 ml. of water, 
and add to the solution in the 
test tube. Centrifuge for one 
minute. Dip the end of a small 
stirring rod into the supernatant 
liquid to obtain enough solution 
to be tested with methyl violet 
paper for the H + ion concentra- 
tion (see footnote 3, page 345). 
If necessary, pour the superna- 
tant liquid into another 10 ml. 
test tube, adjust the H + ion con- 
centration by adding a drop or 
two of 3 M NH 4 OH, and again 
pass H 2 S into the cold solution to 
test for completeness of precipi- 
tation. Centrifuge, decant the 
supernatant liquid, and combine 
any precipitate with that previ- 
ously formed. Label the super- 
natant liquid E-H; it may con- 
tain ions of the aluminum-zinc 
and alkaline earth groups. The 
precipitate C-D contains the sul- 
fides of any of the copper-arsenic 
group ions which may be present. 

If it was not found necessary 
to adjust the H + ion concentra- 
tion after the methyl violet test, 
decant the supernatant liquid 
B-H from the precipitate C-D. 

To the sulfide precipitate C-D 


Pour the solution over a 
previously prepared filter. 
Wash the Erlenmeyer flask 
with 1 ml. of water and also 
pour this through the filter, 
adding this wash water to the 
previous filtrate. Dip the end 
of a small stirring rod into the 
filtrate to obtain enough solu- 
tion to be tested with methyl 
violet paper for the H + ion 
concentration (see footnote 3, 
page 345). If necessary, ad- 
just the H + ion concentration 
by adding a drop or two of 
3 M NH4OH, and again pass 
H 2 S into the cold solution to 
test for completeness of pre- 
cipitation. If a precipitate ap- 
pears, pour the solution over 
the previously filtered precipi- 
tate in the filter, collect the 
filtrate in a 10 ml. test tube, 
and label it E-H. This solu- 
tion may contain ions of the 
aluminum-zinc and alkaline 
earth groups. The precipitate 
C-D contains the sulfides of 
any of the copper-arsenic 
group ions which may be 
present. 

If It was not found neces- 
sary to adjust the H + ion con- 
centration after the methyl 
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add 2 ml. of water and then wash 
down the side of the test tube 
with an additional ml. of water. 
Use a stirring rod to bring the 
sulfides into suspension. Centri- 
fuge and add the supernatant 
wash water to solution E-H. 
Wash twice with 3 ml. of water 
and discard the wash water each 
time. Now add 1 ml. of 15 M 
NH 4 OH to precipitate C-D. 


violet test, set aside the filtrate 
E-H and retain the precipi- 
tate C-D. 

Wash the sulfide precipitate 
C-D on the filter with 3 ml. of 
water and add the wash solu- 
tion to filtrate E-H. Wash 
the precipitate twice with 2 ml. 
of water and discard the wash- 
ings. Puncture a hole in the 
apex of the filter and with the 
capillary syringe wash the pre- 
cipitate into a 10 ml. test tube 
with 1 ml. of 15 M NH4OH 
solution. 


Carry out the procedure for separating the copper group from 
the arsenic group as described under C-D-l, page 346, and con- 
tinue the analysis of these two groups from that point on. 


Note 5. Notes 1-9 on pages S/+5 and 346 apply to this separation and 
shoidd he consulted at this point. 

Note 6. If the Cl~ ion concentration should he inordinately high, as 
would he the case if the original solution were clear and contained SbCU, 
BiCk, or SnCk in HCl solution, then it might prevent the precipitation of 
CdS because of the formation of the CdClc ~ complex ion. If the CdS is not 
completely precipitated in the copper-arsenic group, it will appear with the 
final ZnS precipitate in group E-F and can he detected there. 

Note 7. If chromium is present in the original solution as CV2O7 - “ ion 
or the manganese as MnOf ion, these ions will he reduced by the II 2 S in the 
acid solution to Cr +++ and Mn ++ ions respectively. 


The Removal of Interfering Anions. If an unknown sample 
contains ions of the alkaline earth group (Ca ++ , Sr ++ , Ba ++ or 

Mg++) and if B0 2 “, C 2 0 4 ~ , F~, As0 3 , As0 4 or P0 4 

ions are also present, the corresponding insoluble salts will pre- 
cipitate when the solution is made alkaline with NH 4 OH in the 
initial step of the procedure for the precipitation of the aluminum- 
zinc group. As long as any combination of these ions is restricted 
to an acidic medium, as is the case in the precipitation of the silver 
and of the copper-arsenic groups, no interference arises. Though 
the alkaline earth salts of AsS 3 and AsS 4 — y ions aTe not sol- 
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uble, these ions will be removed as AsS3 in the precipitation of the 
copper-arsenic group. In the systematic analysis of a sample it 
is essential that tests first be made for the anions, and if any of 
the interfering anions listed above are found they must be elimi- 
nated before proceeding with the precipitation of the aluminum- 
zinc group. 

If BOr ion is found to be present (see Chapters XIX and XX) 
heat solution E-H in a casserole to remove H 2 S and then continue 
the heating, with the addition of a few drops of 12 M HC1 and a 
few drops of methyl alcohol from time to time, until the solution 
is evaporated to dryness. Do not heat the dry salt, but remove 
the flame at the point of dryness. In this procedure boric acid, 
H3BO3, reacts with the methyl alcohol to form methyl borate, 
(CH 3 0) 3 B, which is volatile and escapes from the solution. If 
BO2” ion is the only interfering ion found to be present, dissolve 
the residue in 2 ml. of 0.3 M HC1 solution and continue the analy- 
sis for the metal ions at the point indicated as E-F, the precipita- 
tion of the aluminum-zinc group. 

If C2O4 — ion is found to be present (see Chapters XIX and XX) 
add to solution E-H 1 ml. of 12 M HC1 and 10 drops of 15 M HN0 3 . 
Transfer the solution to a casserole and evaporate slowly almost 
to dryness, until not more than one or two drops of liquid remain. 
During the course of the evaporation test the solution for the 
presence of C 2 0 4 “ “ ion by adding a small drop of the solution, ob- 
tained by using the capillary syringe, to 10 drops of a very dilute 
(pink) solution of KMn0 4 . Mn0 4 “ ion oxidizes any C 2 0 4 ““ ion 
to C0 2 ; during the reaction Mn ++ ion is produced and the solu- 
tion becomes colorless. If the color of the KMn0 4 solution per- 
sists, C 2 0 4 "”" ion is then absent. In any event continue heating 
the solution almost to dryness, dissolve the residue in 2 ml. of 
water, add 1 or 2 drops of 6 AT HC1 if necessary, and continue the 
analysis for the metal ions at the point indicated as E-F, the pre- 
cipitation of the aluminum-zinc group. 

If F~~ ion is found to be present (see Chapters XIX and XX), 
the procedure used to remove C 2 0 4 _ “ with aqua regia will suffice. 
However, carry out the evaporation in a Pyrex test tube. If 
porcelain ware is used, some etching will take place with the re- 
sult that aluminum will be introduced into the unknown. 

If POa ion is found to be present (see Chapters XIX and XX), 

it may conveniently be removed as FeP0 4 . In acid solution Fe -1 ‘ + + 
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ion forms a complex ion with P0 4 ion, but when the solution is 
only slightly acidic, FeP0 4 is precipitated. Under these conditions 
the phosphates of the alkaline earth metals are not precipitated. 
A1+-H- and Cr +++ ions also form insoluble phosphates and will be 
removed along with FeP0 4 if all three positive ions are present. 
In such a case it is necessary to examine the phosphate precipi- 
tate for Al ++ + and Cr +++ ions. If the concentration of the P0 4 

ion should be relatively high in the unknown solution, there 
might not be sufficient Al +4 ” f ', Cr +++ , and Fe +++ ions to precipi- 
tate all of the phosphate present. To make certain that the phos- 
phate is precipitated completely, excess Fe +++ ion is added to the 
solution; then the unreacted Fe +++ ion is removed by boiling the 
solution in the presence of HAc. Under these conditions an in- 
soluble basic ferric acetate, Fe(OH) 2 Ac, is formed. Obviously, 
before any ¥e ++ + ion is added to the solution, it is first necessary 
to test the unknown for the presence of this ion. 

Heat solution E-H to boiling to remove H 2 S. Add 5 drops of 
Br 2 water to remove the last traces of H 2 S and to oxidize Fe + + ion 
to Fe +++ ion. With the aid of the capillary syringe remove 2 drops 
of the solution to a small test tube. Add 10 drops of water and 
then add 1 drop of 1 M KCNS solution. A deep red color shows 
the presence of Fe +++ ion in the original unknown solution. 

To the bulk of solution E-H, now free from H 2 S, add 6 M 
NH 4 0H dropwise until the solution is alkaline and then add 3 
drops of the reagent in excess. Now add 6 M HAc until the solu- 
tion is acidic, and add 3 drops in excess. If A1+++, Cr + + + , or 

Fe +++ ions are present with P0 4 , the precipitate may consist 

of any or all of the corresponding phosphates. If the solution is 
deep reddish-brown in color, the precipitation of the phosphate is 
complete; if it is not this color, add 0.1 M FeCl 3 solution dropwise 
until this color is obtained. Heat to boiling until the volume is 
reduced to 1 ml, and then add 3 ml. of water. Centrifuge or filter. 
The filtrate may contain Co+ + , Ni ++ , Zn ++ , and Mn++ ions of 
the zinc group as well as ions of the alkaline earth group. It 
should be treated according to procedure E-F below, but in the 
analysis of the group it should be kept in mind that tests are to 
be made only for Co++, Ni + + Zn ++ and Mn++ ions. The pre- 
cipitate may contain the phosphates of Fe +++ , Cr +++ and A1+++ 
ions and the basic acetate of Fe +++ ion. 

Add 1 ml. of water to the precipitate, stir to produce a suspen- 
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sion, and then pour the contents into a small casserole. (If filtration 
is used, puncture the apex of the filter and wash the precipitate 
into a small casserole with 1 ml. of water from the capillary syr- 
inge.) Add 1 ml. of 6 M NaOH solution, 5 drops of 3% H 2 0 2 
solution, and stir while heating for one minute. Add 1 ml. of 
water and then centrifuge or filter. The precipitate of Fe(OH) 3 
may be discarded. The filtrate or supernatant liquid may con- 
tain AI0 2 " and Cr0 4 ““ ions. This should be examined for the 
presence of these ions according to procedures F-3 and P-4, pages 
384 and 385. 

E-F. Precipitation of the Aluminum-Zinc Group. Place the 
filtrate E-H in a casserole or small beaker and evaporate until the 
solution has a volume of about 2 ml. Add 3 drops of Br 2 water 
and heat for one minute to remove the last traces of H 2 S. Then 
transfer the solution to a 25 ml. Erlenmeyer flask, wash the cas- 
serole or beaker with 1 ml. of water (use the capillary syringe), 
and add the wash water to the evaporated solution. Cool the 
solution. 

To the solution add 10 drops of 5 M NH 4 C1 s » 9 ; make alkaline 
with 15 M NH 4 OH and add 10 drops of the reagent in excess. If 
no precipitate is obtained here, Al +++ , Cr +++ , and Fe +++ ions are 
absent. Saturate the solution, which may already contain a pre- 
cipitate, with H 2 S. Centrifuge or filter, and test the supernatant 
liquid or filtrate for completeness of precipitation by adding 2 
drops of 15 M NH 4 OH, heating, and again saturating with H 2 S. 
Combine any precipitate with that obtained previously. Save the 
filtrate or supernatant liquid for later tests and label it G-H. It 
may contain the ions of the alkaline earth group. Wash the pre- 
cipitate, 'E-F-l, with 3 ml. of w^ater and add the wash water to 
G-H. Wash the precipitate again and discard the wash water. 
Using this precipitate continue the analysis of the aluminum-zinc 
group by beginning with procedure E-F-l on page 379. 10 

Note 8. If the original solution was strongly acidic and a relatively large 
amount of NHUOH was needed to neutralize it in operation C-D, then the 
NEaCI may be omitted here. 

Note 9. The solution must contain a relatively large amount of NHa + 
ion so that the OH~ ion concentration will be decreased to such a low level that 
Mg (OH) 2 will not be precipitated with this group. 

Note 10. If the Cl~ ion concentration was high in the precipitation of 
the copper-arsenic group , cadmium would not be completely removed there 
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(see footnote 6). It would appear as CdS in the precipitation of the aluminum- 
zinc group and it would not be dissolved by the Na<SOr-NaHSOi buffer. In 
the test for Zn ion , in which ZnS is precipitated in HAc solution , CdS 
would also precipitate if present . If the ZnS precipitate has a decided yellow 
color it should be tested for the presence of Cd ++ ion as follows. Centrifuge 
the solution and reserve the filtrate for Ni ++ and Co ++ ion tests. Wash the 
precipitate twice with 2 ml. of water containing 2 drops of 6 M HAc , and dis- 
card the wash water in each case. Dissolve the precipitate in 8 M HCl added 
dropwise with constant stirring. Add 2 ml. of water , then neutralize the solu- 
tion with 6 M NH±OH. Add 3 M HCl until the solution is just acidic and 
then add 1 drop of 6 M HCl in excess for each ml. of solution ( about 3 drops 
will be required). ' Saturate the solution with H%S, keeping the solution cold. 
If Cd ++ ion is present in appreciable amounts , CdS will precipitate. Centri- 
fuge or filter and to the filtrate add 10 drops of 2 M NaAc solution. If Zn ++ 
ion is present , ZnS will precipitate at this point due to the increase in the S~ ~ 
ion concentration brought about by the lowering of the H + ion concentration 
by A c~~ ion. 


G-H. Precipitation of the Alkaline Earth Group. Evaporate 
solution G~H in a casserole until the volume is reduced to about 
3 ml. If the solution contains an appreciable amount of NH 4 C1 
(see footnotes 8 and 9), it will not be necessary to add the salt at 
this point. Test with litmus to make certain that the solution is 
alkaline. If it is alkaline, add 3 drops of 15 M NH 4 OH; if it is 
not alkaline, make alkaline with 15 M NH 4 GH and then add 3 
drops of the reagent in excess. Heat the solution almost to boil- 
ing (do not boil) and with constant stirring add 2 ml. of (NH 4 ) 2 C0 3 
reagent. Allow the solution to stand for a few minutes and then 
centrifuge or filter. To the filtrate or supernatant liquid add a 
few drops of the (NH 4 ) 2 C0 3 reagent to test for completeness of 
precipitation, and combine any precipitate formed with that orig- 
inally obtained. Continue testing for completeness of precipita- 
tion until no more precipitate is formed. The filtrate may contain 
Mg ++ ion and should be examined according to procedure H, 
page 402. The precipitate should be washed twice with 3 ml. of 
warm w’ater and then examined for the presence of Ba ++ , Ca ++ , 
and Sr ++ ions according to procedures G-l, G-2, and G-3, pages 
399-402. 


CHAPTER XYII 


THE PREPARATION OF A SAMPLE FOR ANALYSIS — 
ANALYSIS OF SOLIDS 

The schemes of analysis outlined in this text are based 
entirely upon “wet” methods. Blow-pipe analysis and high 
temperature non-aqueous methods are omitted. Before the 
analysis proper can be undertaken, it is therefore necessary 
that the salts of as many of the ions as possible be converted 
into a soluble form. When making an analysis for the 
metallic ions, the salts of these ions are usually converted 
into the soluble nitrates or chlorides and analyses for the 
anions are usually not made with this solution. Such a 
solution is either neutral or acidic. Conversely, when analy- 
ses are to be made for anions, as many of these ions as pos- 
sible are converted into the soluble sodium salts. The 
interfering cations are removed from such a solution by a 
process which leaves the solution either neutral or alkaline. 
We shall consider separately the preparation of solutions 
for anion and cation analysis. 

Before the sample is analyzed, valuable preliminary in- 
formation often may be obtained by an examination of its 
physical properties, particularly its color (see Table 29 on 
page 414). If the sample is in solution, such preliminary in- 
formation is somewhat limited. The positive ions: Cu ++ , 
Ni ++ , Co ++ , Mn ++ , Fe +++ , and Cr +++ and the anions: 

CrO«— (or Cr 2 0? ), Fe(CN),— , and Fe(CN) 6 are 

the only ions considered here which are colored. If the sam- 
ple is a solid but not an alloy, a great deal of information may 
be obtained from such an examination. The following table, 
arranged according to color, may be helpful. If the sample 
is a pure compound, the analysis (usually for one anion and 
one cation) is simple, and its color will often serve to elimi- 
nate a great number of tests. If the solid is a mixture of 
salts, it may be examined under a magnifying glass and 
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again certain ions can often be eliminated by such an in- 
spection. 

TABLE 29 

The More Common Colored Salts 1 

Black — CuO, NiO, Fe 3 0 4 , FeO, FeS, CuS, Cu 2 S, HgS, Hg 2 S, 
Ag«S, PbS, NiS, CoS, Mn0 2 and finely divided free metals. 
Brown — CdO, Bi 2 0 3 , SnS, Bi 2 S 3 , Fe 2 (Cr0 4 ) 3 , CuCr0 4 and Pb0 2 . 
Blue — Hydrated copper and cobalt salts. 

Green — Nickel salts, hydrated ferrous salts, chromic salts, man- 
ganates and some copper salts. 

Yellow — Most chromates, HgO, CdS, SnS 2 , As 2 S 3 , As 2 S 5 , tree 
sulfur, some ferrocyanides, some iodides, and oxides of Pb. 

Red — Ag 2 Cr0 4 , Fe 2 0 3 , Hgl 2 , Cu 2 0, HgO, HgS, Sb 2 S 3 , Pb 3 0 4 , 
some iodides, some chromates and dichromates. 

Orange — Sb 2 S 3 and some dichromates. 

Pink — Manganous salts and hydrated cobaltous salts. 

Purple — Permanganates and some chromic salts. 

The colors of anhydrous salts (usually white) are often 
different from the hydrated forms. Too great a reliance 
must not be placed on a preliminary color examination. 
Such an examination should be used rather as a check on the 
chemical analysis. 

_ Note. 1. The colors of some metallic oxides and sulfides of minerals are 
different from those of the same compounds precipitated from solution. 


Preparation of Solution for Anion Analysis 

Two distinctly different cases present themselves: (1) when 
the sample is completely soluble in water or is already in the dis- 
solved form, and (2) when the sample is either partially or wholly 
insoluble in water. A preliminary test with a small amount of the 
solid will determine to which class it belongs. 

I. Sample Soluble in Water. If the sample is soluble in water, 
dissolve about 0.15 g. (150 mg.) in 10 ml. of water. 2 Test this 
solution (or the sample already in the dissolved form) with litmus. 
If acidic, add 6 M NaOH drop by drop until just alkaline or until 
a precipitate first forms. To this solution, or to the original solu- 
tion which was found to be alkaline, add one drop of 1.5 M Na 2 C0 3 
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solution . 3 If no precipitate forms either with NaOH or Na 2 C(> 3 , 
this alkaline solution is ready for anion analysis. 

If a precipitate forms, add 2 ml. of 1.5 M Na 2 C0 3 solution to the 
10 ml. sample in a casserole and boil for ten minutes. Continually 
add water as it is lost by evaporation. Note whether any NH 3 is 
evolved (note odor or test with wet litmus paper). The mixture 
should then be centrifuged or filtered. If necessary add enough 
water to make the final volume 10 ml. This solution is then ready 
for the anion analysis. The Na 2 C0 3 treatment should convert all 
insoluble salts except silicates, phosphates, most sulfides and the 
halides and thiocyanate of silver into soluble sodium salts and 
insoluble carbonates. 4 " 9 

If the precipitate consists entirely of carbonates, when washed, 
it should be completely soluble in 3 M HAc. If the precipitate is 
not soluble in 3 M HAc, the residue should be treated according 
to the directions given on pages 417-419. 

II. When Sample is Completely or Partially Insoluble in Water* 
The sample to be treated should be very finely divided. If it is 
not, grind it thoroughly in a mortar. Place about 150 mg. 2 of the 
finely ground sample in a small casserole and add 2 ml. of 1.5 M 
Na 2 C0 3 solution. 3 Cover the casserole with a small watch glass 
and boil for ten minutes. At frequent intervals replace the water 
that boils away. After cooling the mixture, pour into a 10 ml. 
test tube and centrifuge or filter. Wash the precipitate with 2 ml. 
of water, centrifuge or filter and add the wash water to the previ- 
ously obtained filtrate. 

If the precipitate consists entirely of converted carbonates, 4-9 
it should be soluble in 3 M HAc. If it does not completely dissolve, 
treat the residue, after washing it, with 1 ml. of 1.5 M Na 2 C0 3 solu- 
tion and again heat for ten minutes. Centrifuge or filter and add 
the filtrate to the solution to be tested for anions. If after this 
second Na 2 C0 3 treatment, an appreciable amount of the solid is 
not dissolved by 3 M HAc, save it for subsequent direct analysis 
of the solid. The prepared sample should be diluted sufficiently 
to give a total volume of 10 ml. 

Note. 2. If a sufficiently delicate balance is not available , weigh out 1 
gram of some finely divided salt taken from the reagent shelf. Place this on a 
piece of paper and divide into 6 equal parts. This procedure will give the 
student an idea of what approximate quantity of the solid unknown 150 mg. 
represents. 
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Note 3. The sodium carbonate should be sulfate free. The test for sul- 
fate may be made by acidifying the Na 2 COz solution with an excess of 6 M 
HCl and adding BaCk solution. No precipitate of BaSOi should form. 

Note 4. With the exception of those salts listed above , the carbonates of 
the heavy metals are less soluble in alkaline solution than other insoluble 
salts. 

Note 5. The carbonate treatment would not completely remove ions 
bound in solution as ammonia complexes. If the alkaline solution when 
boiled evolves NHz, such ions 7nay possibly be present. If such is the case, 
they can be detected by the addition of H 2 S to a few drops of the alkaline solu- 
tion. Under these conditions the insoluble sulfides will form. These and 
amphoteric ions may be removed by adding NHJSfOz and II 2 S to the solution. 
In such a case, tests for the S~~ and NOf~ ions must be made on separate 
samples. 

Note 6. It is recommended to the instructor that samples which will 
produce the silver-ammonia complex ion in carbonate solution (e.g. AgNOz 
and NHiNOz) should not be used. When such a solution is evaporated, it 
often explodes. 

Note 7. Many of the sidfides, many phosphates and the halides of silver 
are not acted upon by the Na 2 COz solution. Tests for the sulfides can be made 
on the residue according to the directions given on page 418. The phosphate 
ion can be obtained in add solution and detected in the cation analysis as 
described on page 419. The halides of silver may be changed to AgS by the 
action of NIUOH and H 2 S as described on page 419 . The tests for the 
Cl~, Br~~, and I~ ions should be made separately on the sulfide solution after 
the excess H 2 S has been removed by boiling. 

Note 8 . Strong oxidizing agents will react with strong redudng agents 
in the Na 2 COz treatment. Such cases need hardly be considered since com- 
binations of this kind are unstable and are not encountered in samples having 
any practical significance. 

Note 9. The extent to which this conversion takes place is determined 
by the solubility product constants of the salt in question and its corresponding 
carbonate. As an example let us determine to what extent BaCrO 4 can be 
converted into BaCOz by 1.5 M Na 2 COz solution. The reaction is 

BaCr0 4(s) + C0 8 — - BaC0 3(s) + Cr0 4 "~ 

Z s .p.(BaCr0 4 ) * (Ba ++ ) (Cr0 4 “) = 2.4 X 10" 10 (A) 

#s.p.(BaC0 3 ) = (Ba ++ ) (C0 3 — ) = 8.1 X 10“ 9 (B) 

When the solution is in equilibrium with both these solids, the ratio of the 
CrOf ~ ion concentration to that of COz — ion is obtained by dividing (A) 
by(B): 

(Ba++)(CrQ 4 --) _ (Cr0 4 ") 2.4 X 10’ 


(Ba ++ ) (CO*") ~ 
(CrOr 


(C0 3 — ) 8.1 X 10 -9 

-) = .03 (C0 3 ) 


- - .03 
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If the COz — ion concentration is 1.5 M, the CrOc~ ion concentration is 
therefore approximately equal to .03 X 1.5 or .045 M. This concentration 
is more than adequate for testing. However it should be borne in mind that 
this is the maximum CrOc ~ ion concentration obtainable with 1.5 M Na^COz 
solution. 

This calculation is only an approximation since no account has been 
taken of the lowering of the CO{~ “* ion concentration through the formation 
of BaCOz . Furthermore , the Mass Law as we have stated it does not apply 
rigorously to such highly concentrated solutions. 

With BaSOt and BaCOz the ratio is even smaller , but still large enough 
to dissolve an appreciable amount of the S0 4 ~ ~ ion. 

In the case of PbSOi and FbCOz the ratio 

(S0 4 — ) _ (Pb ++ )(S0 4 — ) _ 1.1X10 - 8 
(C0 3 — ) (Pb ++ )(C0 3 --) 4X10 - 14 

The PbSOi is therefore easily converted to PbCOz even with dilute Na^COz 
solution. 


Tests foe Ions not Converted into Soluble Form 
by Sodium Carbonate Treatment 

The Carbonate Ion. If the solid sample must be treated with 
Na 2 C03 solution to convert the anions into soluble salts, it is 
obvious that the carbonate test must be made on the original 
solid sample. 

Place about 5 mg. of the solid sample (a very small amount on 
the tip of the spatula) on a watch glass and carefully cover it with 
one drop of 3 M HC1. If a gas is evolved, it may be S0 2 , H 2 S 
or C0 2 , and the more definite following test for C0 3 - “ ion must 
be made. If no gas is evolved, C0 3 — ion is not present. The S 
ion may be in the form of such an insoluble salt (e.g. CuS) that it 
will not react with the HC1. 

If a gas is evolved, place about 10 mg. of the finely ground solid 
sample in a 25 ml. Erlenmeyer flask. Cover the sample with a 
small amount of finely divided zinc. 10 Remove the rubber cap 
from a medicine dropper and insert the narrow end of the glass 
portion into a one-hole stopper which in turn is inserted into the 
Erlenmeyer flask. First place a very small piece of cotton into the 
throat of the medicine dropper and then place on top of the cotton 
about 0.5 g. of solid KMn0 4 . n Bend a relatively large hairpin or 
wire of the same shape in such a way that a small loop is formed 
at the bend. Now mix 3 drops of 0.1 M CaCl 2 solution with 3 drops 
of 6 M NH4OH solution on a watch glass and dip the looped end 


418 


PREPARATION OF SAMPLE 


of the hairpin into this solution. The loop should retain a drop of 
the liquid. Hang the loop into the mouth of the medicine dropper. 
Now add one ml. of a previously prepared X M HC1 solution to 
the solid in the flask. Cap it with the stopper holding the pre- 
pared absorption tube. If C0 3 "~ ~ ion is present, the drop of alka- 
line CaCl 2 solution will become milky due to the formation of 
insoluble CaC0 3 . 

If the sample to be analyzed is already in solution, if no Na 2 C0 3 
has been added, and if by the preliminary test X-A (page 430) 
C0 3 ~“ is possibly present, repeat the above test using 5 drops of 
the unknown solution in place of the solid. 


Note 10. The zinc has two functions, (a) It reduces some H 2 SOz to 
H 2 S. (SO 2 will also give a 'precipitate with the alkaline CaCh solution.) 
(b) With HCl it generates H 2 gas which drives the C0 2 out of the Erlenmeyer 
flask. 

Note 11. The KMnO 4 oxidizes S0 2 to H 2 SO 4 . The KMnCU cannot be 
added to the solid sample inasmuch as it will oxidize any oxalate that may 
be present to C0 2 . 


The Sulfide Ion. Sulfides which are converted to the soluble 
form by the Na 2 C0 3 treatment will be detected in the analysis of 
the anion solution. Those which are not so converted may be 
^ detected by the following procedure. 

J| Place about 5 mg. of the residue left from the Na 2 C0 3 treatment 

W (insoluble in HAc) in a small test tube. Cover this with a small 

amount of finely granulated zinc. 12 Add 1 ml. of 3 M HCl and 
with the forefinger and thumb hold across the mouth of the test 
tube a small strip of filter paper, on which a drop of 0.2 M Pb(Ac) 2 
solution has been placed. If sulfide is present, the spot of Pb(Ac) 2 
will turn black, due to the formation of PbS. 13 


Note 12. Those sulfides which are not dissolved by HCl nevertheless can 
be decomposed with the liberation of HS by the action of a mixture of HCl 
and metallic zinc. Taking CuS as an example this reaction is 
CuS( S) T Zn( 8 ) + 2H" 1 " = Cu< S ) T Zn ++ -f- H 2 S( £7 ) 

The equilibrium constant for this reaction may be calculated by the method 
outlined in Chapter IX , making use of Tables 14, 3 7 and 39 . The value , of 
the constant , so calculated , is 10 21 - 6 . This figure indicates that the equilibrium 
is far to the right. It should be noted that the value of such a constant does 
n °t depend upon the mechanism of the reaction. In other words nascent hydro- 
gen may or may not be involved . 


SOLUTION FOR CATION ANALYSIS 419 


Note 13. This test if performed on the original sample may not give the 
sulfide ion test when excess sulfite ion is present . The H 2 S and S0 2 ( or 
HzSOz) react rapidly to give free sulfur and water. 

2H 2 S + H 2 SO 3 = 3H 2 0 + 3S ( .) 

However , aU insoluble sulfites are converted into the soluble sodium sulfite by 
the NadCO* treatment If the sulfide ion test is made on the residue from the 
Na^COz treatment, no sulfite will be present . 


The Phosphate Ion. To a few milligrams of the residue left 
from the Na 2 CO s treatment (insoluble in 3 M HAc) add 1 ml. of 
3 M HNO 3 and heat to boiling. Centrifuge or filter. The residue 
may be used in the test for the silver halides. Heat (do not boil ) 
the solution and then add about 3 drops of 0.1 M (NH 4 ) 2 Mo0 4 
solution. A yellow precipitate indicates the presence of phosphate. 
Centrifuge or filter and wash the precipitate to be certain that it is 
yellow. (Precipitated M 0 O 3 is white.) 

Test for Silver Halides. To a few milligrams of the residue left 
from the Na 2 C 03 treatment (treated with 3 M HAc) add 1 ml. 
3 M HNO3 and boil. Centrifuge or filter. Place the residue in a 
small test tube, add 1 ml. of 6 M NH 4 OH and using the drawn 
glass tube (see page 281), saturate with H 2 S. The halides of 
silver will be transposed into Ag 2 S leaving the anions in solution. 
Continue the tests for the anions as directed on page 436. 

Preparation op the Solution 
for Cation Analysis 

Sample Soluble in Water. If the sample is soluble in water, it 
is ready for analysis without further treatment. 150 mg. (approxi- 
mately j g. or about the volume occupied by 2 drops of water) in 
10 ml. water should give a solution sufficiently concentrated for 
most analyses. 14 

Note 14. Do not make the solution too concentrated since the amounts of 
precipitates obtained later may then be too great for convenient filtration or 
centrifugation, and washing. 


The Removal of Organic Matter. Place a few milligrams of the 
solid sample in a small test tube and without adding any water 
heat to a relatively high temperature in the Bunsen flame. If 
interfering organic matter is present, the sample will turn black 
or dark brown or a film of oil will distill onto the sides of the test 
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tube. If it is found that such organic matter is present proceed as 
directed below; otherwise proceed with the acid treatment. 

If the previously described charring test has shown that organic 
material is present, place about 200 mg. (proportionately more if 
much organic matter is present) of the sample in a small casserole 
and to this add 1 ml. of 18 M H 2 S0 4 . Heat in a hood until the 
dense white fumes of S0 3 appear. The sample should now be 
charred. Cool and carefully add 10 drops of 15 M HN0 3 and 
again heat. If the mixture is not light colored (free from carbon), 
add more H 2 S0 4 and HNOs and continue the operation until the 
oxidation is complete, as evidenced by the light color of the mix- 
ture. Evaporate the solution almost to dryness and very carefully 
add 2 ml. of water and then add 2 drops of 6 M H 2 S0 4 . Transfer 
to a test tube, wash the casserole with 1 ml. of water and add the 
wash water to the solution. Centrifuge or filter. Retain the liquid 
for the cation analysis and treat the residue, if any, with Na 2 C0 3 
solution as directed in the following section. 

Sample not Soluble in Water. If the solid sample is not soluble 
in water, use very small portions of it to determine its solubility 
in the following solvents, both cold and hot: 6 M HC1, 12 M HC1, 
6 M HN0 3 , 15 M HN0 3 and aqua regia (1 part 15 M HN0 3 
to 3 parts 12 M HC1). Some deductions can be drawn regarding 
the nature of the solid from its solubility in these various reagents. 
For example, the carbonates of all metals are soluble in dilute 
HNO3, while dilute HC1 will leave a precipitate of AgCl, PbCl 2 
or Hg 2 Cl 2 if the corresponding carbonates are present. Ag 2 S and 
CuS are soluble in concentrated nitric acid but not in concen- 
trated HC1, while HgS is soluble only in aqua regia. It must be 
borne in mind that aged precipitates do not behave like those 
freshly prepared. Aged ZnS, for example, may not dissolve in 
HC1. If solution has been effected with any of these reagents, 
150 mg. of the sample should be dissolved in the one selected. It 
should then be evaporated almost to dryness (only a few drops 
of liquid remaining) and then dissolved in 10 ml. of water. 

The common substances not soluble in these reagents are BaS0 4 , 
CaS0 4 , SrS0 4 , PbS0 4 , the halides of silver, CaF 2 , oxides and ignited 
salts, free sulfur, and carbon. 

If HC1, HNOs, or aqua regia do not completely dissolve the 
solid, place the residue from the acid treatment in a casserole and, 
after adding 2 ml. of 1.5 M Na^COa. boil the solution for ten 
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minutes, replacing the water that is lost by evaporation. This 
process will convert many insoluble salts into insoluble carbonates. 
Centrifuge or filter this mixture, discard the supernatant liquid, 
wash the residue well with water and add a few drops of 6 M HN0 3 . 
Dilute with a few ml. of water and add this solution to the original 
acid solution which is to be evaporated. If a residue still remains, 
repeat the treatment with the Na 2 C0 3 solution. All substances 
should be dissolved by this process except silicates, sulfur, carbon 
and the halides of silver. 

To dissolve the silver halides add a few grains of metallic zinc 
and 1 ml. of 1 M H2SO4. The zinc will reduce the silver to the 
metallic form. Wash the silver free from the H2SO4, dissolve it in 
a few drops of 6 M HNQ 3 and make a separate test for the Ag + ion 
by adding HC1 and by noting the solubility of the AgCl in NH 4 OH. 

If there is still some constituent which is not dissolved, it will 
be necessary to subject the residue to a carbonate fusion. 

Solution of the Residue by Carbonate Fusion. The residue 
after the treatments with acid, Na 2 C0 3 solution, and Zn plus H 2 S0 4 
may contain silicates, some oxides or calcined salts. If such is 
the case, solution can be effected by fusing the sample with sodium 
carbonate. To carry out such a fusion proceed as follows. 

Transfer the residue left after the Zn and H2SO4 acid treatment 
to a small nickel crucible, obtained from the instructor. (The 
residue from the treatment with the Na 2 C0 3 solution, not treated 
with Zn and H 2 S0 4 , may be used if desired.) Place the crucible in 
a small clay triangle; then cover the residue with a small pinch of 
solid Na 2 C0 3 and a small pinch of solid K 2 C0 3 . After covering 
the crucible, heat it in the hot flame of a blast lamp or Meeker 
burner. The carbonate mixture should fuse and dissolve the 
sample. If small particles appear to be present in the melt, add a 
very small amount (a few mg.) of solid NaN0 3 and heat again for 
several minutes. 18 Cool the crucible and place it in a casserole. 
Cover it with water and boil until the solid mass has disintegrated. 
Filter or centrifuge the solution. To the residue add 10 drops of 
6 M HN0 3 , then add 1 ml of water. 15 . 16 After filtering or centrifug- 
ing add this solution to the water extract of the carbonate mass. If 
alkaline make the solution acidic with 6 M HN0 3 and evaporate 
until the volume is about 3 ml. and make a separate analysis on 
this sample for the cations. 17 This sample may be mixed with the 
original acid solution if cognizance is taken of the fact that nickel 
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from the crucible may be introduced into the solution by this 
process. 


Note 15. During the fusion with the carbonate mixture , a reaction takes 
place in which the insoluble salts are converted to carbonates or oxides which 
in turn are dissolved by ENOz . 

Note 16. When the carbonate fusion extract is neutralized with HNOz , 
silicic add, and metastannic add may precipitate. This precipitate is co- 
agulated by first heating the mixture to dryness . Water is added to the residue 
and the predpitate is then separated from the solution by filtration or centrif- 
ugation. If HuS and NHaOH are added to a suspension of this predpitate 
which has been thoroughly washed , SnSz, a yellow compound , will be formed 
directly from the predpitate if tin is present in the insoluble residue. The 
silicic add is discarded. 

Note 17. If the halides of silver are present, these are reduced to free 
silver in accordance with the reaction. 

4AgCl + 2Na 2 C0 3 = 4Ag + 4NaCl + 2C0 2 + 0 2 
The Ag is subsequently dissolved by the HNOz. 

Note 18. The NaNOz serves to oxidize some substances to more soluble 
forms, for example , chromites to chromates 


Solution of a Metal oh an Alloy 

The usual solvent for the commonest metals and alloys is dilute 
HN0 3 . Hydrochloric acid is not used to such a large extent, 
particularly on alloys the composition of which is not known, 
for with this acid the volatile hydrides of arsenic, antimony and 
phosphorous are likely to form. The strongly oxidizing HN0 3 is 
therefore preferred. On the other hand, aluminum is not readily 
attacked by HN0 3 inasmuch as this acid forms an acid-resisting 
coat of aluminum oxide on the surface of the metal. For alloys 
containing appreciable amounts of aluminum, a mixture of Br 2 
and HC1 is often used as the acid solvent. 

With HNO 3 as the solvent, the oxides of antimony and tin (or 
metastannic acid) may be formed. These are insoluble in the 
dilute nitric acid, particularly when heated. They may be con- 
verted to the corresponding sulfides. The sulfides can then be 
dissolved in HN0 3 and added to the original solution. 19 

The size of the sample to be used will depend upon the number 
of constituents. A conveniently small sample should first be used 
and if a larger sample is used later to test for those elements 
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present in smaller amounts, the scheme of analysis can be slightly 
modified to remove the relatively large quantities of those ions 
found to be present by the first analysis. 

The metal sample should be converted into a form offering a 
large surface for the acid. This may be accomplished with a 
hammer or even a mortar and pestle if the alloy is brittle. In 
some cases a steel file may be used or the sample may be turned 
in a lathe. If the metal is very soft, it may be cut into small chips 
with a knife. 

Note 19. Metastannic acid and the insoluble oxides of antimony are 
formed when HNOs reacts directly with the metals and not so readily when 
the sulfides of these metals are dissolved by this reagent. 


Procedure 

Try the action of 6 M HN0 3 on a small sample of the metal to 
determine whether it can be dissolved by this reagent. Heat if 
necessary. If the sample dissolves (with or without a resulting 
white precipitate), proceed according to the directions in the 
following paragraph. If it does not dissolve readily, try the effect 
of 10 drops of 12 M HC1 to which 1 drop of liquid bromine has been 
added (see instructor for specific directions in handling free 
bromine). Specific directions for the use of this solvent are given 
on page 424. 

Solution by HN0 3 . Place about 100 mg. of the sample in a 
small casserole and add 2 ml. of 6 M HN0 3 and heat {do not boil). 
If a white residue forms, agitate and press these particles with a 
glass rod to remove the coating from the surface of the metal par- 
ticles. Add more HN0 3 if necessary. After the metal is dis- 
solved, evaporate to dryness. Add a few drops of 15 M HN0 3 
and again evaporate to dryness. Add 5 drops of 6 M HN0 3 
and 1 ml. of water and transfer to a test tube. Repeat this opera- 
tion to rinse the casserole. If the solution is not clear, centrifuge 
or filter. 

If the sample dissolves without leaving a residue, proceed with 
the analysis for the cations. If there is a residue, it will most 
probably consist of the oxides of tin and antimony or silicic acid. 20 

The oxides are converted to the sulfides by digesting the solids 
with (NH 4 ) 2 S solution. To the residue add 1 ml. of 3 M NH 4 OH 
and saturate with H 2 S. Warm the mixture very gently and agitate 
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with a stirring rod. Filter or centrifuge the mixture and after 
washing with water, dissolve the sulfides in 5 to 10 drops of 6 M 
HN0 3 . Add 1 ml. of water and after centrifuging or filtering add 
this mixture to the original nitric acid solution. Dilute with water 
to 10 ml. and proceed with the analysis for cations. 


Note 20. The purpose of heating to dryness is to coagulate the tin and 
antimony oxides . Black particles of carbon , which usually float on the sur- 
face, are to be discarded . 

It is not likely that appreciable amounts of silicic acid are formed together 
with the oxides of tin and antimony and vice versa. Silicon and either of 
those two metals are usually not present together in the same alloy. 


Solution by Br 2 and HCL If HN0 3 does not dissolve the alloy 
and if the previous small scale test has shown that HC1 and Br 2 
will do so, place about 50 mg. of the sample in a casserole. Add 
2 ml. of 12 M HC1 and then add a few drops of liquid bromine 
(see the instructor for directions). Heat gently and agitate with 
the glass rod if necessary. Evaporate the solution to dryness. 
Add a few drops of 6 M HN0 3 , dilute to 10 ml., and then proceed 
with the cation analysis. Any residue may consist of insoluble 
chlorides or bromides and should be treated with 1.5 M Na 2 COs 
solution, as directed on page 415, or should be subjected to a car- 
bonate fusion, if necessary (see page 421). 


CHAPTER XVIII 



IDENTIFICATION OF THE NEGATIVE IONS 

In this section we shall consider the methods for identify- 
ing the more common negative ions (anions). Consideration 
will be given only to the following ions and their acid or com- 


plex derivatives. 

TABLE 

30 


Arsenate 

AsCh 

Iodide 

1- 

Arsenite 

As0 3 

Nitrate 

no 3 - 

Borate 

bo 2 - 

Nitrite 

no 2 - 

Bromide 

Br- 

Oxalate 

C2O4 

Carbonate 

CO3 

Phosphate 

PO4— - 

Chlorate 

CIO3- 

Sulfate 

SO4— 

Chloride 

ci- 

Sulfide 

s— 

Chromate 

CrO" 

Sulfite 

so.— 

Ferricyanide 

Fe(CN)«— 

Thiocyanate 

CNS- 

Ferrocyanide 

Fe(CN) 6 

Thiosulfate 

S2O3 

Fluoride 

F- 



It is obvious that in any given unknown sample, contain- 


ing positive and negative ions, the larger the number of 
positive ions present the smaller must be the number of 
negative ions, and vice versa. As the number of positive and 
negative ions increases, the greater is the probability that 
pairs of ions of relatively insoluble or very slightly soluble 
salts will be present. A knowledge of the positive ions 
present in a solution immediately eliminates certain negative 
ions; likewise, a knowledge of the negative ions eliminates 
certain positive ions. Thus, if Ag + ion is found to be present 
and if the solution is not ammoniacal, S , Cl , Br , I , 
CNS“, Fe(CN) 6 , and Fe(CN) 6 ions cannot be pres- 

ent. Likewise, if Pb ++ or Ba ++ ions are found in the. un- 
known and the unknown sample is soluble in water or dilute 
acid solution, it is evident that SO4 ion must be absent. 

425 
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Strong oxidizing ions will not exist in solutions containing 
ions which function as reducing agents and vice versa. When 
the positive ions of a given unknown have been identified, 
it is advisable to consult the Solubility Table (No. 41) in 
the Appendix and thereby eliminate as many of the negative 
ions as possible. Such a procedure often leads to a simpli- 
fication of the detection of negative ions. 

The detection of most negative ions derived from weak 
acids should be carried out in basic, neutral, or only slightly 
acidic solution. In a solution which is strongly acidic the 
concentration of such ions will be much lower than in basic 
solution, and probably too low for precipitation by a posi- 
tive ion. Designating the negative ion as A - and the posi- 
tive metal ion as M + , these conditions can be readily ex- 
plained by the following equilibrium: 


HA = H+ + A" 

+ 

M+ 

U 

MA (S) 


(140) 


If the unknown solution is strongly acidic, the equilibrium 
will be shifted to the left, which effect increases the con- 
centration of the HA molecules and in turn decreases the 
concentration of A~ ions. The concentration of the latter may 
be decreased in this manner to such an extent as to escape 
detection. On the other hand, the introduction of a strong 
base to such a solution serves to remove H + ions, thereby 
shifting the equilibrium to the right and increasing the con- 
centration of A~ ions sufficiently to precipitate the salt MA. 
Negative ions considered here which show a pronounced 

tendency to combine with H + ion are : As0 4 , As0 3 , 

B0 2 -, CO,— , Cr0 4 — , Fe(CN)„— , Fe(CN) s , 

F~, NOr, C 2 0 4 — , P0 4 — , S— , SO,", CNS-, and 

S2O3 . 

If, however, the weak acid derived from the negative ion 
produces a gas, then the presence of H+ ion is a favorable 
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condition for the detection of the negative ion. The ions, 

S — , S0 3 — , S2O3 , and C0 3 — fall into this category and 
the equilibria involved in these cases are as follows: 

S— + 2H+ = H 2 S (a4 .) = H 2 S (ff) T (141) 

SO3 + 2H + = H 2 S0 3 = H 2 0 + S0 2(4 ) t (142) 

CO3— + 2H+ = H 2 C0 3 - H 2 0 + C0 2(fl) t (143) 

S 2 0 3 + 2H + = H 2 S 2 0a = H 2 0 + S0 2(fl) t + S( S ) (144) 

The addition of a strong acid to solutions containing 
S — , S0 3 “ ”, S 2 0 3 ~ and C0 3 ions shifts the equilibrium 
in each case to the right. When the solubility of the sub- 
stances produced is exceeded, H 2 S, S0 2 , or C0 2 will escape 
from solution as gases. These gases may then be detected 
by suitable methods. These equilibria can also be shifted 
to the right by the application of heat since gases are less 
soluble at high than at low temperatures. 

Many of the positive metal ions interfere with the tests 
for the negative ions and therefore it is necessary at the 
outset to remove these positive ions from the solution. Inas- 
much as the carbonates of most positive ions are relatively 
insoluble in alkaline solution, these ions may be precipitated 
as such in this medium. It is obvious that the test for 
C0 3 — ion must be made before this same ion is added as a 
reagent. 

No such systematic scheme of analysis as that applied to 
the positive ions is applicable to the negative ions. Instead 
of using the same solution throughout the analysis it has 
been found necessary or expedient to make a number of 
isolated tests on different portions of the unknown solution. 
The procedure adopted here is that of making preliminary 
elimination tests in order that individual characteristic tests 
applied later may be reduced to as small a number as 
possible. The elimination tests are given schematically in 
Table 31 and, in detail, on the following pages. Some of the 
elimination tests are subsidiary to others and in some cases 
it will not be necessary to make all of these tests. These 
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tests as outlined in Table 31 apply only to those anions in 
solution. Additional tests must be made on solids the anions 
of which cannot be converted into a soluble form by the 
carbonate treatment. After the elimination tests have been 
made, it will be possible to determine which ions cannot be 
present and conclusive characteristic tests for these par- 
ticular ions may therefore be omitted. 

Some confusion may arise in the use of elimination tests 
if the student does not thoroughly understand their purpose. 
The elimination tests are to be carried out with the definite 
view in mind to determine which ions are not present rather 
than to mak e positive tests for those ions which are present. 
The positive tests are to be made after the elimination tests 
have been made. If, for example, no precipitate is obtained 
when a solution containing HN0 3 and AgN0 3 is added to a 
solution prepared for the anion analysis, then Cl - , Br~, I~, 
and CNS - ions are absent. On the other hand, if a pre- 
cipitate were obtained upon the addition of HN0 3 and 
AgN0 3 , then no definite information would be forthcoming 
since such a precipitate might contain any or all of the silver 
salts of these ions. If all the anions listed in the table were 
present, the elimination tests would be practically worth- 
less. The fewer the number of anions present the greater 
is the amount of information obtainable from the elimi- 
nation tests. 

In the analysis of most commercial and natural sub- 
stances the student will encounter relatively few cases in 
which more than two or three anions are present in a single 
sample. For such cases the elimination tests are very 
valuable. 

The detailed procedure given here for the analysis of the 
anions is only one of many possible schemes. The student 
is encouraged to use his ingenuity, together with his knowl- 
edge of the chemical properties of both anions and cations, 
to make variations in the scheme. He should also devise 
additional confirmatory tests when his knowledge of facts 
and originality of thought permit. 


Preliminary Elimination Tests 


ELIMINATION CHART 


Positive tests to be made 
for 


No dark brown or black ! 
color upon addition of 
MnCk in 12 M HC1 indi- ; 
cates absence of 


fc , , ! 

O « M « 

x o o o 
[*) £ & o 


No blue precipitate when 
original solution is treated 
with HC1, Fe(N0 3 ) 3 , and 
KsFe(CN )6 indicates ab- 
sence of 


If no precipitate is obtained 
when HNO3 is added to 
filtrate from 3-D, it indi- 
cates absence of 

If precipitate obtained in 
3-B is completely soluble 
in 0.25 M NH 4 OH, it indi- 
cates absence of 

No precipitate when NaNCh 
solution is added to fil- 
trate from 3-B indicates ab- 
sence of 

No precipitate upon ad- 
dition of HNOs and AgNOs 
to the filtrate from 3-A in- 
! dicates absence of 


No precipitate upon mak- 
ing S free solution acidic 
with HAc and adding 
Zn(N 03)2 solution indicates 
absence of 


No precipitate upon mak- 
ing filtrate from 2-B alka- 
line indicates absence of 


6 § § 6 
ct) < < « 


No precipitate by BaCh 
to filtrate of group 2-A in- 
dicates absence of 


No precipitate by CaCl 2 
in acidic solution of low 
H + ion concentration in- 
dicates absence of 

( No precipitate upon ad- 
; dition of acid to alkaline 
solution indicates absence 

I of 

No gas evolved upon ad- 
dition of acid to alkaline 
solution indicates absence 
of 


Anions, or derivatives of, 
considered in analysis 


51 5§5> 95225QL 1 . , §§§o5o 
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Procedure for Detection of Anions 

The following procedure is designed only for anions present 
in a prepared solution. The preparation of the solution 
which consists in converting insoluble salts of the anions to 
be analyzed into soluble forms and in the removal of those 
cations which will interfere with the anion analysis is given 
in the preceding chapter. 

Preliminary Elimination Tests 

Prepare a chart such as Table 31 leaving out the characteriza- 
tion of the test at the top of each column (left side of page 429) 
and leaving blank all spaces except those in the first column; 
i.e., the formulae for the ions on which tests are to be made. After 
each preliminary test, check off in the appropriate spaces those 
ions which are known to be absent. After all preliminary tests 
have been made, it will be obvious which ions can possibly be 
present (the horizontal rows which are unmarked). 

Test 1~A. This test is to be performed only if the original un- 
known is completely soluble in water to give an alkaline solution. 
It must be applied before any Na 2 C 03 has been added. 

Place 5 drops of the unknown solution in a small test tube and 
heat gently (do not boil). Holding the tube to the light observe 
carefully whether a gas is evolved when 2 drops of 6 M HC1 are 
added. If no gas is observed, add another drop of the acid and 
then if no gas is evolved, C0 3 , S~“, and S0 3 “~ions cannot be 

present. (Check these ions in the column 1-A of the chart if they 
are absent; leave spaces blank if a gas forms.) 

Test 3L-B. This test must be applied to the Na 2 C (>3 prepared 
solution. 1 

Add 5 drops of 6 M HC1 to 5 drops of the prepared solution in a 
small test tube and heat gently. If a white gelatinous precipitate 
is formed, it may be due to silicic acid. 2 If S 2 0 3 “” ion is present in 
the original solution, a precipitate of free sulfur will form. 3 

Note 1 . The Na^COz prepared solution must be used here since the addi- 
tion of HCl to the original unknown could precipitate insoluble chlorides and 
oxychlorides. 

Note 2. The test for SiO 3 “ _ ion has been omitted from this scheme be- 
cause of the expense (platinum) and danger (HF) involved in making a satis- 
factory confirmatory test. 
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Note 3. If Ag + and NHa + ions were both present in the original solution .j 

and if the Ag + ion was not removed , the addition of HCl will produce a pre - ; V 

dpitate of AgCl which is soluble in NHtOH. The free sulfur is not soluble j ; 

in this reagent _ » 

Test 2-A. To 10 drops of the Na 2 C0 3 prepared solution in a t ' 

small test tube add 10 drops of water and insert into the solution 
a small fragment of litmus paper. Add 3 M HAc (made by diluting 1 

1 ml. of 6 M HAc with 1 ml. of water) drop by drop, counting the * 

number of drops added, until the litmus paper just turns pink. 

Now continue to add the same number of drops of 3 M HAc as 

have already been added. To the resulting solution add 4 drops 

of 0.1 M CaCl 2 solution. If no precipitate forms, F~ and C 2 0 4 — 

ions are absent. If a precipitate forms, either or both of these 

ions may be present. Record your findings in the chart if these 

ions are absent. Centrifuge or filter. Save the precipitate for the 

characteristic tests for F~ and C 2 0 4 ions (page 434). Label it. . 

After the filtrate has been tested for completeness of precipitation 

by adding 2 more drops of CaCl 2 solution, continue with the next 

test. ’ 

Test 2-B. To the filtrate from 2-A from which insoluble cal- 
cium salts have been removed, add 2 drops of 0.1 M BaCl 2 solution. 

If a precipitate is not formed, Cr0 4 ““ and S0 4 “~ ions are absent. 

In such a case make a record of it in the chart. If a yellow pre- 
cipitate is formed, Cr0 4 “ _ ion is known to be present. (S0 4 ~ ~ ion 
may also be present.) If the precipitate is white, S0 4 ““ ion is 
present and Cr0 4 ion is absent. Test for completeness of precip- 
itation and add 2 drops of 0.1 M BaCl 2 solution in excess. Filter 
or centrifuge the solution and reserve the filtrate for the next test. 

Test 2-C. Add 5 drops of 12 M HCl to the filtrate from 2-B 
and heat in a casserole to expel S0 2 and C0 2 . Note if free sulfur 
is formed from any S 2 0 3 ion which may be present. Now add 
15 M NH 4 OH to the clear solution until it is decidedly alkaline to 
litmus. Add several drops NH 4 OH in excess. If no precipitate 
forms, P0 4 , As0 3 , As0 4 , and B0 2 ~ ions are absent. 

Test 3- A. Add 1 ml. of water to 1 ml. of the Na 2 C0 3 prepared 
solution in a 10 ml. test tube. Add 1 drop of 0.1 M Pb(N0 3 ) 2 
solution. If a black precipitate forms, it indicates that S" ion is 
present. The S““ ion must be removed before the elimination i 

tests for ferro- and ferricyanide ions can be made. If a black pre- ; 

cipitate forms, add more Pb(N0 3 ) 2 solution drop by drop, stirring, 
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until further addition produces a white precipitate. Stop the 
addition at this point. It may be necessary to allow the solution 
to stand or to centrifuge it for a very short time between additions 
of the Pb(NO s ) 2 solution, to be able to ascertain whether the 
newly formed precipitate is white. Usually this precaution is not 
necessary. Centrifuge or filter and discard the precipitate. Add 
one more drop of Pb(N0 3 ) 2 solution to the filtrate. A white pre- 
cipitate of PbC0 3 should form instead of the black sulfide. 

To the solution, either free from or not containing the S ion, 
add 6 M HAc drop by drop until acidic. (Use litmus paper.) 
Add 2 drops of 6 M HAc in excess and then add 1 drop of 0.1 M 
Zn(N0 3 ) 2 solution. If a precipitate forms, add 10 more drops of 
the Zn(N0 3 ) 2 solution. Centrifuge or filter, discard the precipitate 
and save the filtrate for the next elimination test. If no precipitate 
forms, Pe(CN) 6 and Fe(CN) 6 ions are absent. 4 - 6 

Note 4. ZniFe(CN) 6 (white) and Zn£Fe(CN)<[\t (yellow) are relatively 
insoluble in dilute HAc solution . 

Note 5. Zn^AsOf) 2 may precipitate slowly as a gelatinous colorless 
precipitate if the H + ion concentration is too small. This precipitate can be 
easily distinguished from the white or yellow granular precipitates of zinc 
ferrocyanide and zinc ferricyanide. The appearance of any zinc arsenate 
will therefore not interfere. 

Test 3-B. To the filtrate from 3-A add 10 drops of 6 M HN0 3 
and heat. Filter if necessary. To the cooled solution add 5 drops 
of 0.1 M AgNOs. If no precipitate forms, Cl“, Br~, I~ and CNS“ 
ions are absent. Make a record of absence. If no precipitate 
forms, do not carry out tests 3-D and 3-E. If a precipitate forms 6 
test for completeness of precipitation by adding more AgNOs 
solution. Filter or centrifuge and save the precipitate for test 3-D 
and 3-E. Save the filtrate for test 3-C. 

Note 6. The $ 2 03 ~ “ ion is decomposed by the acidic solution. If either 
the $ 203 *" ~ or S ions have not been completely removed , a black precipitate 
of AgS may be formed. 

Test 3-C. Add 1 drop of chloride-free 6 M KN0 2 to the filtrate 7 
from 3-B or to the solution if no precipitate was formed. If no 
precipitate of AgCl appears, CIOs'" ion is absent. A precipitate 
at this point indicates positively that CIOs'" ion is present. 
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Note 7. HNO* reduces the ClO{~ ion to Clr ion . 

CIOs- + 3HN0 2 = Cl" + 3N0 3 “ + 3H+ 
AgCl is insoluble while AgCIOz is quite soluble . 


Test 3-D. To the thoroughly washed precipitate from 3-B add 
4 ml. of water, 4 drops of 6 M NH 4 OH and 10 drops of 0.1 M 
AgNOs solution. Agitate the precipitate with a glass rod. If the 
precipitate dissolves completely, Br~ 1“ and CNS” ions are not 
present. Save this mixture for 3-E. The complete solution of the 
precipitate by NH 4 OH at this concentration is sufficient evidence 
that Cl" ion is present. 

Test 3-E. If the precipitate in 3-D is completely dissolved 
by NH4OH, carry out this test only to confirm the presence of 
Cl” ion. If the precipitate did not dissolve completely in the 
NH4OH, it may have dissolved partially. 

Filter or centrifuge the ammoniacal solution from 3-D if neces- 
sary. Acidify the solution with HN0 3 . If no precipitate forms, 
Cl” ion is absent. A heavy 8 white precipitate confirms the presence 
of the Cl” ion. 

Note 8. A very faint precipitate at this point may be due to Br~ or CNS~ 
ion. 

Test 4. To 3 drops of the Na 2 C0 3 prepared solution add 1 ml. 
of water, 2 drops of 6 M HC1, 2 drops of 0.1 M FeCl s , and 1 drop 
of freshly prepared saturated K 3 Fe(CN) 6 (ferrieyanide) solution. 
Allow the mixture to stand several minutes. If a deep blue pre- 
cipitate does not form, S , S0 3 , I”, Fe(CN) 6 and NO 2 ” 

ions are absent. 9 * i0 » 11 

Note 9. This test depends upon the fact that the above ions in acidic solu- 
tion reduce Fe +++ ion to Fe ++ ion. The Fe ++ ion then combines with the 
Fe(CN ) 6 ion to give Prussian Blue. ( See page 362.) 

Note 10. To be sure that none of the reagents contains either Fe ++ ion 
or a reducing agent, make a blank test using all reagents , omitting only the 
prepared solution. Compare the intensities of the blue color obtained here 
with that obtained with the unknown solution. 

Note 11. To prepare a saturated solution of KzFe(CN) G , place a few 
crystals of the salt in a small test tube , add 10 drops of water and agitate with 
a stirring rod. 

Test 5. To 3 drops of the prepared solution add dropwise 
12 drops of a saturated solution of MnCl 2 in 12 M HC1 and heat 
the mixture to boiling. If no dark brown or black color appears, 


unit 
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the following ions are absent: Cr0 4 ““ Fe(CN) 6 , N0 3 ~ N0 2 ~* 
and C10 3 “ 12 

Note 12. Any one of the above mentioned ions in strong add solution 
oxidizes MnCh solution to the dark colored MnCk solution. 

After all preliminary tests have been made and checks for absent 
ions have been placed in the appropriate spaces in the prepared 
chart, note which ions have not been checked. Confirmatory tests 
need to be made for these ions only. 

POSITIVE TESTS FOR ANIONS 

The following tests are based on the assumption that all negative 
ions included in this scheme are present in the solution. However, 
only the tests for those ions which have not been previously elimi- 
nated should be carried out. If the instructor does not include all 
ions given here as possibilities, the student can merely strike out 
those ions not considered. 

OXALATE AND FLU0KIDE IONS 

Make the tests for these ions on any precipitate which may have 
been formed in the previous test 2- A. 

Test for C 2 0 4 ““ Ion. The precipitate should be washed twice 
with 2 ml. of water. The first wash water is discarded and the 
second retained. Add 10 drops of 6 M H 2 S0 4 solution to the second 
wash water and now add dropwise .001 M KMn0 4 13 solution until 
a faint pink color persists. Count and record the number of drops 
necessary. 

To about one-half of the precipitate in a small test tube add 
2 ml. of water and 10 drops of 6 M H 2 S0 4 , and shake. Again 
add .001 M KMn0 4 solution dropwise. If C 2 0 4 ' — ion is present, 
at least several drops more of the .001 M KMn0 4 solution than 
was required for the above blank test will be necessary to impart 
the permanent pink color to the solution. 14 

Note 13. Make up the .001 M KMnOi solution by placing 10 drops of 
.01 M KMnOi in a 10 ml. test tube and adding water until the test tube is 
half filled. 

Note 14. The MnOc ion in add solution oxidizes oxalic add (or 
C 2 0 4 ) to C0 2 . 

5H 2 C 2 Q 4 + 2MnQ 4 ~ + 6H+ = 10CO 2 + 2Mn+ + + 8H s O 

Test for F~ Ion. With a piece of Chromel wire having a small 
loop at one end, transfer the remainder of the precipitate from 
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test 2-A, which may contain both CaF 2 and CaC 2 0 4 , onto a flat 
piece of filter paper. The purpose of this operation is to extract 
the greater part of the water. With the looped end of the wire 
gather up as much as possible of the precipitate, place it in the 
flame of a Bunsen burner, and heat to redness. 15 

Wash the surface of a small watch glass with alcohol to remove 
grease. With the aid of another wire or a pin scrape the ignited 
precipitate onto the surface of the watch glass. Confine the pre- 
cipitate to as small an area as possible (1 or 2 mm. 2 ) and add to the 
precipitate on the watch glass a very small crystal of dry (NH 4 ) 2 S0 4 
(equivalent to the volume of the fused precipitate). Dip a pointed 
glass rod (previously used to puncture filter paper) into 18 M H 2 S0 4 
and apply the point to the solid on the watch glass. A very small 
drop of H 2 S0 4 should be retained by the solid. 

Now hold the watch glass 8 or 10 inches above the Bunsen flame 
to gently heat the mixture. Keep it warm for five minutes and 
then allow it to stand for another five minutes. Then wash the 
watch glass thoroughly and with a magnifying glass examine the 
area subjected to any hydrofluoric acid which may have formed. 
If the spot is etched, F~ ion is present in the original solution. 

Note 15. All water must be removed to make this test successful. 


SULFATE, SULFITE, AND CHROMATE IONS 

Test for S0 4 ~ _ Ion. Place 5 drops of the prepared Na 2 CC >3 
solution in a small test tube and dilute with 1 ml. of water. Acidify 
by adding 6 M HC1 dropwise. Add 2 drops of 6 M HC1 in excess. 
Now add 1 ml. of 0.1 M BaCl 2 solution. A white precipitate of 
BaS0 4 indicates the presence of S0 4 “” ion in the original solution. 
Centrifuge or filter the solution and discard the precipitate. Save 
the filtrate for tests for the S0 3 “” and Cr0 4 _ “ ions. Add 1 drop 
of 0.1 M BaCl 2 to insure completeness of precipitation. 

Test for S0 3 ~~ Ion. To the filtrate obtained in the test for 
S0 4 “~ ion add 5 drops of bromine water. 16 A white precipitate 
indicates the presence of S0 3 ion in the original solution. If no 
precipitate is obtained, add 1 drop of 0.1 M BaCl 2 to be certain 
that Ba ++ ion is present in excess. Centrifuge or filter the solution. 


Note 16. Bromine oxidizes H$0 3 to SOr~ ion in acid solution . 
H 2 S0 3 + Br 2 + H 2 0 = S0 4 — + 2Br“ + 4H+ 
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Test for Cr0 4 — Ion. If Cr0 4 “" ion is present in the solution, 
a yellow precipitate would have been obtained in preliminary 
test 2-B. The solution would also have a yellow color (do not be 
confused by the color due to bromine). 

To confirm, or again test for Cr0 4 ~~ ion, add to the filtrate from 
the test for S0 3 “" ion 10 drops of 2 M NaAc. 17 If Cr0 4 ~"“ (or 
Cr 2 07 ~ ~) ion is present, a yellow precipitate of BaCr0 4 will form. 18 

Note 17. The addition of Ac~ ion lowers the H + ion concentration by 
the formation of weak HAc . When the H + ion concentration is lowered , the 
CrOc ~ ion concentration is increased sufficiently to combine with Ba ++ ion 
to form solid BaCrO 4 . 

H 2 0 + Cr 2 07 “” (acid soution) = 2H + + 2Cr0 4 

Note 18. If F~ or C 2 0 4 "' ~ ions are present in large concentration , the 
corresponding barium salt may precipitate. However , both these precipitates 
are white and will not obscure the yellow color of BaCrO±. 


FERROCYANIDE, FERRICYANIDE, AND THIOCYANATE IONS 

If the previous elimination tests have shown either ferro- or 
ferrieyanide ions to be present, make the following test. 

To 1 ml. of water in a small test tube add 5 drops of the prepared 
NasC0 3 solution. Add 6 M HN0 3 drop wise until the solution is 
acidic. Now add 3 drops of 0.1 M Fe(N0 3 ) 3 solution. If a dark blue 
precipitate forms, Fe(CN) 6 ion is present. If the precipitate 
forms, heat and centrifuge or filter the solution. Discard the 
precipitate and to the filtrate again add 1 drop of 0.1 M Fe(N0 3 ) 3 
to insure completeness of precipitation. If the solution has a 
bright red color, CNS~ ion is present. 

Now add 3 drops of 0.1 Jlf FeS0 4 solution. If a dark blue 
precipitate is formed, Fe(CN) 6 ion is present. See page 363 
for the chemistry involved in these tests. 19 

Note 19. In making this test why could not the FeSO 4 solution be added 
first, the solution then filtered, and then the Fe{NOf)z added f 


CHLORIDE, BROMIDE, AND IODIDE IONS 

If the previous elimination test 3-D has shown that Br~, I~ 
and CNS~ ions are absent, do not make this test. The positive 
chloride test was made in the elimination test 3-E and no further 
test for this ion need be made. 
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If the elimination tests showed that Br~ or I~ ions may possibly 
be present, proceed as follows. 

Test for 1“ Ion. Place 5 drops of the prepared Na^COs solution 
in a small test tube and dilute with 10 drops of water. Neutralize 
with 6 M HN0 3 ; add 2 drops of the HN0 3 in excess. Now cover 
the surface of the liquid with about 3 to 5 drops of CC1 4 . Add a 
quantity of 0.1 M Fe(NOs)3 solution 20 equal in volume to the 
aqueous solution already in the test tube and shake. A violet 
color in the CC1 4 layer indicates the presence of 1“ ion. 21 

If the CC1 4 layer turns purple, remove it from the surface with 
the capillary syringe and add more CC1 4 and shake again. Again 
discard the CC1 4 layer. Repeat this operation until the CC1 4 
layer remains colorless. 

Note 20. The Fe +++ ion oxidizes the 1~ ion to free iodine. 

Note 21. Other ions may react with the Fe +++ ion added but these re- 
actions will not interfere with the iodine formation if an excess of the Fe +++ 
ion is present. 


Test for Br~ Ion. Now transfer the solution to a casserole and 
heat to boiling to drive off any residual iodine. After cooling, 
pour the solution back into the test tube. Add 10 drops of 6 M 
HN0 3 , again add 3 to 5 drops of CC1 4 and then add 0.1 M KMn0 4 
solution 22 dropwise until the aqueous solution is distinctly purple. 
Shake the mixture. A yellow or orange color in the CC1 4 layer 
indicates the presence of Br" ion. 


Note 22. The Fe +++ ion is not a strong enough oxidizing agent to oxidize 
Br~ ion to free bromine. Note the positions of Fe +++ ion, J 2 , Br 2 and 
MnOi~ + H + ion in the oxidation reduction table page 255 (#63, 68, 83 
and 102). 


PHOSPHATE, ARSENATE, AND ARSENITE IONS 

Do not make these tests if preliminary test 2-C showed these 
ions to be absent. 

Tests for P0 4 and As0 4 Ions. Add 5 drops of the pre- 

pared Na 2 C0 3 solution to a small test tube and dilute with 10 drops 
of water. Add 6 M HNO 3 dropwise until one drop turns blue litmus 
red (place a small fragment of the litmus paper in the solution). 
Filter if a precipitate forms. Add 1 ml. of magnesia mixture. 
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Allow the solution to stand ten minutes, shaking occasionally. 
If a white precipitate appears, either As0 4 ion or P0 4 
ion or both are present. 23 

Filter or centrifuge the solution and save the filtrate for the 
arsenite test (label it). Wash the precipitate with 2 ml. of water 
to which 1 ml. of 3 M NH 4 OH has been added. To the precipitate 
now add (or if filtration was used, pour over the filter paper) 1 ml. 
of 0.1 M AgNOs solution to which 2 drops of 6 M HAc have been 

added. If As0 4 ion is present, the magnesium ammonium 

arsenate will be converted to silver arsenate which is dark red in 
color. Silver phosphate would also be formed. This is yellow in 
color. 

In case arsenate is shown to be present the color of the yellow 
silver phosphate will be obscured and a separate test for phosphate 
must be made. In such a case the arsenic must be removed before 
the phosphate test can be applied. 

Note 23. /Is0 4 and POa ions, under the conditions of the above 

test , are precipitated as MqNHaAsOa and MqNHaPOa respectively . To pre- 
vent the precipitation of magnesium arsenite, Mgz(AsOf)i, the OH~ ion con- 
centration cannot be too high. 

Test for Phosphate in Presence of Arsenate. To 5 drops of 
the prepared Na 2 C0 3 solution in a 10 ml. test tube add 10 drops 
of water and add 6 M HC1 drop by drop until the solution turns 
methyl violet paper a blue green color. Add 1 drop of 1 M NH 4 I, 
heat to boiling and saturate with H 2 S (use the small glass tube 
drawn to a narrow tip). Centrifuge or filter and again add H 2 S 
to test for completeness of precipitation. Pour the filtrate into a 
small casserole and evaporate almost to dryness. Add to the 
residue in the casserole 5 drops of 15 M HN0 3 and 5 drops of 
water. Add a few drops of this solution to 10 drops of hot ammo- 
nium molybdate solution. 24 A yellow precipitate of ammonium 
phospho-molybdate indicates the presence of phosphate ion. 

Note 24. Ammonium molybdate solution deteriorates slowly and should 
not be used if more than one month old. 

Test for As0 2 ~ Ion. To the filtrate from the test for As0 4 
and P0 4 ions add 6 M HC1 until it is acidic to litmus paper. 
Saturate with H 2 S. A yellow precipitate of As 2 S 3 indicates the 
presence of As0 2 “ ion. 
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borate, nitrate, nitrite, and chlorate ions 

Test for B0 2 “ Ion. To prevent spreading of the solution rub 
your finger over the surface of a watch glass to give it a fine film 
of oil (there is sufficient oil on the hand) and then place on the 
watch glass 5 drops of the prepared Na 2 C0 3 solution. To this 
add 2 drops of 15 M HN0 3 and heat the watch glass gently, high 
over the flame, until the solution has evaporated to dryness. 
Allow it to cool. Scrape the solid residue into a small pile and 
add to it an equal amount of finely ground CaF 2 . With the 
pointed glass rod moisten the powder with a very small amount 
of 18 M H 2 S0 4 and gather the paste into a very small loop made 
at the end of a piece of Chromel wire. Bring the looped end of 
the wire up to the edge of the flame (not into it). If boron is 
present, the edge of the flame will assume a green color. 25 * 26 


Note 25. In acid solution borates are converted to boric ( or boradc) add. 
Example: 

5H 2 0 + B 4 O 7 -- + 2H+ = 4 H 3 BO 3 
Boric acid combines with HF to produce volatile boron trifluoride , BF 3 . 
H 3 BO 3 + 3HF = BF 3 + 3H 2 0 

The volatile BF 3 escapes readily from the above mixture when warmed gently 
and imparts a green color to the flame . 

Note 26. Copper and barium salts also give a green color to the flame 
but these ions have been removed in preparing the solution with NadCOz. 


Test for N 0 2 ~ Ion. To 5 drops of the Na 2 C0 3 prepared solution 
add 2 drops of 6 M H 2 S0 4 . The solution should be acidic. If it is 
not, add another drop of the H 2 SO 4 . To the acidic solution add 
5 drops of 0.1 M FeS0 4 solution. 27 If N0 2 “ ion is present the entire 
solution will turn dark brown. 28 If N0 2 ~ ion is not present and 
if Br~, I“, Cr0 4 — , 29 and C10 3 “ 30 ions are also absent, use this 
solution for NO3 - ion test. 


Note 27. The FeSOi solution should be freshly prepared. 

Note 28. Fe ++ ion in dilute acid solution reduces HNO 2 to NO which 
in turn combines with excess Fe ++ ion to form Fe(NO) ++ ion . This ion has 
a characteristic dark brown color. 

Note 29. CrO.~ ~ (or Cr<£h~ ") ion and HNO 2 cannot exist together in 
add solution . The HNO 2 will be oxidized to NOz~ ion. 
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Note 30. If ClOz~~ ion is present NO 2 ion cannot be present since 
the latter would be oxidized to NO z ~ ion by the former , in add solution. 


Test for N0 3 “ Ion. If Br" I~ Cr0 4 “"~ ? CIOs"* and N0 2 “ ions 
are absent proceed as follows. 

To the acidified solution obtained in making the N0 2 ~ ion test 
add 3 drops of 18 M H 2 S0 4 by holding the small test tube in an 
inclined position thereby permitting the concentrated H 2 S0 4 to 
run down the side of the test tube. The H 2 S0 4 should submerge 
to the bottom of the test tube and form a separate layer. Do 
not agitate the mixture. If NO 3 ” ion is present a brown ring 
will form at the junction of the two liquids in the course of a few 
minutes. 31 


Note 31. The NOi~ ion in add solution is reduced by the Fe ++ ion to 
NO which in turn reacts with excess Fe ++ ion to produce the brown colored 
Fe(NO) ++ ion. With the NO z ~ ion (in contrast to NOo~ ion) this reaction 
takes place rapidly only in a solution of very high H + ion concentration and 
at relatively higher temperatures. Such a condition exists at the junction of 
the two liquids. 


Test for N0 3 “ Ion in the Presence of N0 2 - Ion. If N0 2 “ ion 
is present it must be removed before the N0 3 “ ion test is applied. 

To 5 drops of the Na 2 C0 3 prepared solution add 6 M H 2 S0 4 
until acidic. Now add 3 drops of 1 M (NH 4 ) 2 S0 4 solution, place 
in a casserole and very carefully and slowly evaporate until the 
mixture is in the form of a thick paste. Do not heat to dryness. 
After cooling redissolve the paste in 1 ml. of water and pour the 
solution into a small test tube. Disregard any undissolved residue. 
Add 10 drops of 0.1 M FeS0 4 solution and add 3 or 4 drops of 
18 M H 2 S0 4 as directed in the preceding paragraph. A brown 
ring indicates the presence of N0 3 ” ion. 32 


Note 32. If the NO<r ion is not removed the whole solution will be brown 
colored and the typical brown “ nitrate ” ring will not be visible. 


Test for N0 3 “ Ion in the Presence of Br~, I~ and Cr0 4 _ ~ Ions. 
Acidify 5 drops of the Na 2 C0 3 prepared solution dropwise with 
6 M HAc. Add 10 drops of water and pour into a previously 
cleaned small mortar. Add about 10 to 20 mg. of solid nitrate 
free Ag 2 S0 4 . With a clean pestle triturate (grind) the mixture for 
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two minutes. Pour the supernatant liquid into a test tube and 
centrifuge if necessary. To this solution add 2 drops of 6 M H 2 S0 4 . 
Centrifuge or filter if a precipitate of Ag 2 S0 4 forms. To the clear 
solution add 5 to 10 drops of 0.1 M FeS0 4 solution and then add 
3 to 4 drops of 18 M H 2 SO 4 as directed above. 33 * 34 

Note 33. If Br~ and I~ ions are riot removed , Br 2 and 1 2 maybe formed 
at the interface and be confused with the “nitrate” ring. 

Note 34. CV 2 O 7 ” ” ion in add solution is reduced by Fe ++ ion to the 
green Cr +++ ion. The green color thus produced will interfere with the 
nitrate test 


Test for N0 3 ” Ion in the Presence of Cl 03 “" Ion. To remove the 
CIOs'” ion add a very small amount of metallic zinc 35 to any of the 
above solutions which may contain N 0 3 ~ ion, after acidifying with 
H 2 SO 4 and before the FeS0 4 solution has been added . 36 The zinc 
should be in contact with the solution for several minutes before 
it is decanted, centrifuged, or filtered. To the clear solution add 
FeS0 4 solution and 18 M H 2 S0 4 as directed above. 

Note 35. The metallic zinc in add solution reduces the ClOf ion to Cl “ 
ion. The latter does not interfere with the NOz~ ion test. 

Note 36. If ClO{~ ion is not removed Cl0 2j a yellow colored gas soluble 
in water , will form and obscure the test. 

'Test for CI0 3 “ Ion. A sufficient test for the C10 3 ~ ion was made 
in preliminary elimination test 3-C. 





CHAPTER XIX 

THE CHEMICAL PROPERTIES OF NEGATIVE IONS 

Carbonate Ion, C0 3 — . When water is saturated with 
C0 2 , carbonic acid is formed. The concentration of the 
H 2 CO 3 in solution is proportional to the pressure of the 
CO 2 gas (Henry’s Law). At a pressure of one atmosphere 
the concentration of the H 2 C0 3 (total concentration of dis- 
solved CO 2 ) is .034 mole per liter. In such a solution the 
following equilibria are maintained: 

C0 2(fl) + H 2 0 = H 2 C0 3 = H+ + HCO3- 

tl (145) 

CO 3 - + H f 

In fact the above equilibrium holds for any solution to which 
C0 2) a bicarbonate (e.g. NaHC0 3 ) or a carbonate (e.g. N a^CCL) 
has been added. If a strong acid is added to such a solution 
the equilibrium is shifted to the left with the production of 
C0 2 . The latter may be readily detected by passing it 
through limewater, with which CaC0 3 is formed. 

C0 2 ( 0 ) -f" Ca++ -H 20 H~ — CaC0 3(s) 4* H 2 0 (146) 

This is one of the best methods for the detection of car- 
bonates. A solution of Ba(OH) 2 may be used in place of 
limewater in this test. 

The addition of OH - ion shifts the equilibrium (145) to 
the right with the production of HC0 3 ~ and C0 3 — ions. 
Since the C0 3 — ion concentration in H 2 C0 3 is not great 
enough to precipitate any of the relatively insoluble car- 
bonates the precipitation of this ion must always be carried 
out in alkaline solution. 

The carbonates of several of the positive ions show a 
limited solubility in water. Table 32 gives a list of the 
more common slightly soluble carbonates in order of de- 
creasing C0 3 ion concentration at equilibrium. 
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TABLE 32 

Equilibria Involving Carbonate Ion 


C0 3 _ ~ + Mg ++ 
CO:> -f- 2Ag + 
COs + Ca ++ 
CO,— + Ba++ 
C0 3 — + Sr++ 
COs-" + Pb++ 


MgC0 3(s) 

Ag2C0 3(s) 

CaC0 3w 

BaC03( S ) 

SrC0 3(s) 

PbC0 3 ( S ) 


The carbonates of the alkali metals and NH 4 + ion are 
soluble; those of A1+++ Fe+++ Cr +++ , As ++ + Sb +++ , 
Sn ++ , and Sn ++++ ions are unknown in aqueous solution 
since they would be extensively hydrolyzed. All carbonates 
or basic carbonates of the other ions considered in this text 
are insoluble. 

Sulfide Ion, S __ . Hydrogen sulfide and the HS“ ion are 
both very weak acids the properties of which have already 
been thoroughly discussed in previous sections of the text. 
(See Chapter V.) Many of the sulfides of the positive ions 
show a very limited solubility in water. The more common 
of these slightly soluble sulfides are listed in Table 33 in 
order of decreasing concentration of S - ~ ion at equilibrium. 


TABLE 33 

Equilibria Involving Sulfide Ion 


+ Mn++ 
+ Fe++ 
+ Zn++ 
+ Ni ++ 
+ Co ++ 
+ Cd++ 
+ Pb++ 
+ 2Cu+ 
+ 2Ag+ 
+ Cu++ 
+ Hg++ 


MnS (s) 

FeS w 

ZnS (s) 

NiS (0 

CoS w 

CdS w 

PbS (s) 

Cu 2 S (s) 

Ag 2 S (3) 

CuS (8) 

HgS (s) 
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The more soluble of the slightly soluble sulfides (those 
above Cu 2 S in Table 33) as well as the soluble sulfides, such 
as those of the alkali metals, alkaline earth metals, ammo- 
nium ion, etc., are dissolved by moderately strong HC1 with 
the liberation of H 2 S gas. Taking ZnS as an example the 
equilibria involved in this reaction are 
ZnS (s) = Zn ++ + S— 

+ 

H+ H 2 S (gas) (147) 

U tl 

HS- + H+ = H 2 S (diss.) 

The addition of H + ion shifts the equilibrium to the right 
with the ultimate liberation of H 2 S gas. The latter may be 
readily detected by moistened lead acetate paper placed in 
the stream of the gas which forms a black coloration due to 
PbS. 

One of the most insoluble sulfides is Ag 2 S. (See Table 33.) 
When a solution of AgN0 3 is added to one containing S 
ion, Ag 2 S is precipitated. The precipitate is not dissolved 
by NH 4 OH, CN~ ion, nor by non-oxidizing acids. Hence, 
under favorable conditions, Ag + ion may be used to detect 
S ion. 

Thiosulfate Ion, S 2 0 3 . Thiosulfate ion may be re- 

garded as a sulfate ion with one of the oxygen atoms re- 
placed by sulfur. 

Thiosulfuric acid is not known in the pure state inasmuch 
as it is extremely unstable, dissociating to give free sulfur 
and sulfurous acid. If a solution of a soluble thiosulfate is 
made acidic this reaction takes place and sulfur precipitates. 
With a sufficient amount of the strong acid present, S0 2 is 
liberated from the solution. 

H 2 S 2 0 3 = S( S ) + H 2 S0 3 ('14S') 

H 2 S0 3 = H 2 0 + S0 2 1 } 

The most important salt of S 2 0 3 ion is sodium thiosul- 
fate, Na 2 S 2 0 3 • 5H 2 0, which is also known as “hypo” and 
is used in the “fixing” of photographic films and plates. 
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The S2O3 — ion forms a soluble complex ion with Ag + ion 
provided an excess of the former is present. 

S 2 O 3 + 2 Ag = Ag 2 S 2 03 (s) (149) 

Ag2S 2 03(s) 4- 2S2O3 = Ag2 (S2O 3) 3 (150) 

Therefore most silver salts can be readily dissolved in a solu- 
tion of sodium thiosulfate. 

Thiosulfate ion shows the properties of a reducing agent 
in its reaction with iodine; the iodine is reduced to I - ion 
and the S2O3 ion is oxidized to the tetrathionate ion, 

s*o»— • 

2S2O3— + Is = S 4 0 6 “ + 21- (151) 

Oxalate Ion, C 2 0 4 . Oxalate ion is derived from oxalic 

acid, a dibasic acid, which ionizes in two stages, 

(1 ) h 2 c 2 o 4 =h+ + hc 2 0 4 - n , 9 , 

(2) HC2O4- = H+ + C,0*— U ; 

The ionization constant for the first stage has a value of 
3.8 X 10“ 2 while that for the second stage is 5 X 10“ 5 . Ac- 
cordingly, H 2 C 2 0 4 is a moderately strong acid while the 
bioxalate ion, HC 2 0 4 ~, is one of the stronger of the acid ions. 

Most oxalates are relatively insoluble in water, at the 
most slightly soluble; those of the alkali metals and mag- 
nesium are notable exceptions. However, the slightly soluble 
oxalates are readily soluble in solutions of strong acids. 
Others are found to be soluble in the presence of a high 
concentration of C 2 0 4 — ion due to the formation of complex 
ions. In Table 34 some of the more slightly soluble oxalates 
are arranged in order of decreasing concentration of C 2 0 4 
ion at equilibrium. 

Since calcium oxalate is one of the more insoluble oxalates, 
it is used to identify the C 2 0 4 ion. When a saturated 
solution of CaS0 4 is added to a solution containing an ap- 
preciable quantity of C 2 0 4 ion, CaC 2 0 4 is precipitated. 
Calcium sulfate, while not very soluble in water, is more 
soluble than CaC 2 0 4 and consequently the following equi- 
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TABLE 34 


Equilibria Involving Oxalate Ion 


a o 

S M 


06 

»6 


ft 


C 2 0 4 — + Mg++ = MgC 2 0 4(s) 
C 2 0 4 -- + Ba++ = BaC 2 0 4(s) 
C 2 O 4 -- + Sr++ = SrC 2 0 4(3) 
C 2 0 4 + Cu ++ — CuC 2 0 4 ( S ) 

C 2 0 4 + Cd ++ — Cd.C 2 0 4 (s) 

C 2 0 4 Ca ++ = CaC 2 0 4 ( S ) 
C 2 0 4 + Zn ++ — ZnC 2 0 4(s) 

C 2 0 4 — + Pb++ = PbC 2 0 4(s) 


librium is favored toward the right, even in dilute HAc 
solution. 

Ca++(saf. CaS0 4 soVn) + C 2 0 4 " = CaC 2 0 4(s) (153) 

Calcium oxalate is readily soluble in strong acids due to the 
formation of the bioxalate ion, HC 2 0 4 _ , but it is not appre- 
ciably dissolved by HAc. The latter does not furnish a 
sufficient concentration of H + ion to shift the above equi- 
librium (153) to the left. 

If potassium permanganate and dilute H 2 S0 4 are added to 
a solution containing C 2 0 4 ion, decolorization of the per- 
manganate ion takes place, due to the oxidation of the 
C 2 0 4 ion to C0 2 and the simultaneous reduction of the 
Mn0 4 - ion to Mn ++ ion. 

5C 2 0 4 + 2Mn0 4 “+ 16H + =2Mn ++ +l 0 CO 2 + 8H 2 0 (154) 

An organic reagent known as resorcinol may be used to 
identify C 2 0 4 ion. When a dilute solution of resorcinol 
in concentrated H 2 S0 4 is added to a solid oxalate or oxalic 
acid and heated until S0 3 fumes appear, a blue color is 
imparted to the solution. A modification of the resorcinol 
test employs the following procedure. The oxalate solu- 
tion is introduced into a test tube to which are added a few 
drops of dilute H 2 S0 4 and a very small amount of magnesium 
powder. After the magnesium has disappeared, a few drops 
of the dilute resorcinol solution is added and concentrated 
H 2 S0 4 is allowed to run down the walls of the test tube 
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slowly in order to establish two liquid layers. If C 2 0 4 — 
ion is present a blue color will appear at the junction of 
the two liquids. 

Fluoride Ion, F~ Hydrofluoric acid is a gas at room 
temperature (the liquid boils at 19° C.) and is readily soluble 
in water. Since it attacks glassware the commercial solu- 
tion which contains 48% of hydrofluoric acid by weight 
is packed in Cerosene or paraffin bottles. The molecular 
weight of the gas is in agreement with the simple formula 
HF at low pressures, but when the pressure is increased or 
the temperature is decreased it has been shown that an 
equilibrium mixture of HF and H 6 F 6 molecules exists. 

In dilute solutions the acid for the most part is present 
as HF molecules, but undoubtedly forms polymers in the 
more concentrated solutions. It is a fairly weak acid, since 
its ionization constant has a value of about 7 X 10 ~ 4 . With 
the exception of lithium fluoride, the fluorides of the alkali 
metals are soluble as are also the fluorides of Ag + , Hg ++ , 
Fe +++ , Al +++ , Sb +++ , and Sn ++++ ions. Since hydro- 
fluoric acid is not an extremely weak acid the insoluble 
fluorides are not dissolved by strong acids such as HC1. 

Hydrofluoric acid reacts with silica, Si0 2 , or silicates to 
produce the gas SiF 4 . It is this reaction which takes place 
when glass is etched by hydrofluoric acid and can therefore be 
used as a test for fluorides. If the solid containing the 
fluoride is placed on glass and if sulfuric acid is added, HF 
will be generated and this in turn will react with the sili- 
cates in the glass to form SiF 4 . 

CaF 2 + H 2 S0 4 = CaS0 4 + 2HF (155) 

Si0 2 + 4HF = SiFi + 2H 2 0 (156) 

Sulfate Ion, S0 4 — . Sulfuric acid, H 2 S0 4 , is known in the 
free state but in this condition exhibits none of the charac- 
teristic properties of an acid; it is an exceedingly poor 
conductor of electricity and is relatively inactive chemically. 
When added to water the resulting solution is a very good 
conductor of the electric current and is capable of taking 
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part in many metathetic reactions. The first stage of ioni- 
zation, H2SO4 = H + + HSO4- is practically complete and 
for our purposes may be considered as 100%. On the other 
hand, the bisulfate ion, HS0 4 ~, behaves like a moderately 
weak acid, HSCh - = H + + SO4 . (See Chapter V.) 

The SO4 ion differs from many other negative ions in 
that it is derived from a moderately strong acid and there- 
fore relatively insoluble sulfates may be precipitated from 
acid solutions. 

The sulfates of most of the positive ions are soluble in 
water. The slightly soluble and moderately soluble sulfates 
are listed in Table 35 in order of decreasing concentration 
of SO4 ion at equilibrium. Of these sulfates BaS0 4 is the 
most insoluble. Consequently it is used for the detection 
of S0 4 ion. The procedure employed here is to first 
make the unknown solution acid with HN0 3 so as to reduce 
the concentration of anions of weak acids which form slightly 
soluble salts with Ba++ ion, and then to add BaCl 2 to pro- 
duce a precipitate of white BaS0 4 . 

TABLE 35 

Equilibria Involving Sulfate Ion 


H 0 
CD ,2 
O M 

§ l 
oo 


S0 4 + 2Ag+ 

S0 4 + Ca ++ 

S0 4 + Sr++ 

SO4— + Iig 2 +- 
SO4 -- + Pb ++ 
S0 4 " ~ + Ba ++ 


= Ag2S0 4 ( S ) 
= CaS0 4(s) 
= SrS0 4 ( S > 

= Hg 2 S0 4(S ) 
= PbS0 4(S ) 
= BaS0 4(3) 


Sulfite Ion, S0 3 . Sulfurous acid, H 2 S0 3 , is a weak 

dibasic acid capable of existence only in solution. It 
ionizes in two stages. 

(!) H2SO3 = H+ + HSO3- 

(2) HSO3- = H+ + S0 3 — (157) 

The ionization constant for stage (1) is 1.7 x 10% and that 
for stage (2), 5 x 10 6 . The values for these constants show 
that sulfurous acid is one of the stronger of the weak acids. 
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A solution of sulfurous acid in water contains many 
different ions and molecules; the equilibria involved here 
may be represented as follows: 

SO2(0> + H2O = H2SO3 = H + + HSO s ~ 

tl (158) 

H+ + S0 3 — 

At 25° and at a pressure of 1 atmosphere, S0 2 dissolves in 
water to produce a solution containing about 1.2 M H 2 S0 3 , 

3 fumin g; that all of the dissolved S0 2 is present as such. 

From the above equilibria it is seen that the effect of the 
addition of a strong acid to a solution of sulfurous acid is 
to shift all of the equilibria to the left with the ultimate 
liberation of S0 2 from the solution as a gas. This effect is 
made more evident if the solution is heated, since under 
these conditions the solubility of S0 2 is considerably less. 
The liberated S0 2 may be readily detected by its odor or 
it may be oxidized to H 2 S0 4 and subsequently detected as 
BaSCh (see #43 of Table 14). 

Most s ulfi tes of positive ions with the exception of the 
alkali metal ions are insoluble in water while the bisulfites 
are soluble. Since the sulfur atom of the S0 3 ion exists 
in the plus four valence state, this ion may act either as a 
reducing agent or as an oxidizing agent. When it acts as a 
reducing agent it is oxidized to the S0 4 ion in which the 
valence number of the sulfur atom is plus six. When the 
S0 3 — ion functions as an oxidizing agent it is usually re- 
duced to free sulfur. Permanganate ion, I 2 , Cr 2 0 7 , and 

Fe +++ ions are readily reduced by H 2 S0 3 in acid solution. 
On the other hand, S — ion and Sn++ ion are oxidized by 
SO3 — ion. Solutions of sulfurous acid and of sulfites are 
slowly oxidized by oxygen when exposed to the atmosphere. 

Chromate Ion, Cr0 4 — ; Dichromate Ion, Cr 2 C >7 . In 
chromates and dichromates the chromium has a valence 
number of plus six. The Cr0 4 ion predominates in basic 
solution while CtzOr ion predominates in an acid solution. 
(For a discussion of the equilibrium between the two ions, 
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see page 358.) Whether a relatively insoluble dichromate or 
chromate will be precipitated with a given metal ion will 
depend upon the relative solubilities of the chromate and 
dichromate and upon the H + ion concentration of the 
solution. In general the dichromates are more soluble thnn 
the chromates. Thus, if a precipitate is produced it is 
usually a chromate. The more insoluble chromates are those 
of Sr ++ , Ag + , Ba ++ and Pb ++ ions, named in the order of 
decreasing solubility. Thus Ba ++ ion and Pb ++ ion are 
the most suitable for analytical purposes in the identifica- 
tion of Cr0 4 ion. Other slightly or very slightly soluble 
chromates are those of Hg ++ , Hg 2 ++ , Bi +++ , and Mn++ ions. 
The chromates of the alkali metals, zinc, copper, calcium, 
and magnesium are soluble. Since the HCr0 4 _ ion is a 
relatively weak acid (K x = 7 X 10 -7 ) , slightly soluble chro- 
mates are soluble in solutions of strong acids. 

Since the Cr 2 0 7 ion in an acid medium is a strong oxi- 
dizing agent, it is readily reduced by reducing agents such 
as H 2 S, I~, Fe ++ , Sn ++ , etc. to Cr +++ ion. In these reactions 
a change in color takes place from the orange of the Cr 2 07 — 
ion to the green Cr +++ ion. (See Table 14.) Therefore, 
if reducing ions are present in an unknown sample the 
chromium will be present as Cr +++ ion and the appropriate 
tests are those previously described. 

Ferrocyanide Ion, Fe(CN), The ferrocyanide ion 

is a complex ion which may be regarded as being composed 
of one ferrous ion and six cyanide ions. 

Fe++ + 6CN- = Fe(CN) 6 (159) 

It can be formed, as equation (159) indicates, by treating a 
solution of a ferrous salt with an excess of KCN solution. 
The complex ion is very stable and its dissociation constant is 

therefore very small. As a matter of fact the Fe(CN) 6 

ion does not dissociate to a large enough extent in solution 
to give a test for free Fe ++ ion, though the most sensitive 
testing reagents be used, 

Ferrocyanic acid, H 4 Fe(CN) 6 , is a white crystalline solid 
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which is readily soluble in water. The water solution is 
strongly acidic. Neither the solid nor the aqueous solution 
of the acid is stable when exposed to air. Under these con- 
ditions an insoluble blue precipitate is formed. The acid is 
formed by treating a concentrated solution of the potassium 
salt, K 4 Fe(CN)6, with H 2 S0 4 . When this is done the white 
crystalline acid precipitates. 

All of the salts of the Fe(CN) 6 ion, with the excep- 
tion of those with the alkali metal ions, are relatively insolu- 
ble. In fact some of these are so insoluble that they are 
stable in acid solution. It is therefore necessary to remove 
this ion together with the ferricyanide ion, Fe(CN) 6 , 
before any analysis is made on the cations. The salt formed 
when Fe(CN) 6 ' ion reacts with Fe +++ ion has a deep 
blue color and Fe +++ ion is, therefore, one of the reagents 
used for detecting the Fe(CN)6 _- ~ _ ion (see page 363). 
The calcium and strontium salts are relatively soluble in 
weak acid solution while the zinc salt is relatively insoluble. 

Ferrocyanide ion is a weak reducing agent; it can be 
oxidized by Mn0 4 _ ion in acid solution with the formation 
of the ferricyanide ion, Fe(CN) 6 ~ 

Ferricyanide Ion, Fe(CN) 6 . The ferricyanide ion, 

Fe(CN) 6 , which is similar to the ferrocyanide ion, 

Fe(CN) 6 , may be formed when a solution containing 

Fe +++ ion is treated with an excess of a solution containing 
CN~ ion (see page 362). A relatively small amount of CN~ 
ion produces a precipitate of Fe(OH) 3 since the CN _ is 
appreciably hydrolyzed. 

CN-+ H 2 0 = HCN + OH- (160) 

Fe +++ + 30H- = Fe(OH) 3(s) (161) 

But in the presence of a large excess of CN - ion, Fe(CN) 3 
ion is obtained. 

Fe(OH) 3(s) + 6CN- = Fe(CN) 6 + 30H" (162) 

Again, Fe(CN) 6 ion is exceedingly stable and does not 
dissociate to any appreciable extent to give Fe +++ ion in 
solution. 
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Ferrocyanic acid, H 3 Fe(CN) 6 , is a solid which can be pre- 
pared by the reaction between a concentrated solution of the 
potassium salt and concentrated HC1. This substance is 
brown in color and is readily soluble in water. The salts of 
all ferricyanides except those of the alkali and alkaline earth 
metals and of iron are insoluble. The compound formed with 
the ferric salt, Fe [Fe(CN) 6 ], is soluble; it has a dark brown 
color while the salt formed with Fe ++ ion, Fe 3 [Fe(CN) 6 ] 2 , 
has a deep blue color exactly like that produced by Fe +++ ion 
and ferrocyanide ion, Fe 4 [Fe(CN) 6 ] 3 . In fact it has been 
proposed that these two salts are identical inasmuch as the 

Fe +++ ion can be reduced to the Fe ++ ion and Fe(CN) 6 

ion can be oxidized to Fe(CN) 6 ion and vice versa. If 
equilibrium conditions were established when all of these 
ions are put into the solution, the same compound might 
always result. The zinc and cobalt ferricyanides are very 
insoluble even in hydrochloric acid solution. 

Thiocyanate Ion, CNS~. Thiocyanic acid is very un- 
stable; it decomposes very rapidly to produce HCN and 
perthiocyanic acid, H2C2N2S3. All thiocyanates are soluble 
with the exception of the lead, mercury, silver, and copper 
salts. The thiocyanate ion forms a deep red complex ion 
with Fe +++ ion. 

Fe +++ + 6CNS- = Fe(CNS) 6 (163) 

This reaction serves as a very sensitive test for both Fe +++ 
and CNS - ions. 

Chloride Ion, Cl~. The chlorides of positive ions are 
soluble in water with the exception of AgCl, PbCl 2 , Hg 2 Cl 2 , 
CU2CI2, and the basic chlorides of Sb +++ and Bi +++ ions. In 
solutions containing a very high concentration of Cl~ ion, 
even these salts dissolve, with the formation of complex 
ions such as HgCk" , HgCl 3 ~, AgCl*-, etc. All chlorides 
are strong electrolytes and are completely ionized with the 
exception of CdCh, HgCl 2 , and PbCl 2 . The formation of 
complex anions may be responsible in part for the behavior 
of these slightly ionized salts. 
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Silver ion gives with Cl - ion a precipitate of AgCl which 
is soluble in solutions containing NH 4 OH, or CN~ ion, due 
to the formation of complex ions. In carrying out the test 
for Cl" ion it is advisable to make the unknown solution 
acid with HNOs, then precipitate it as AgCl, dissolve this 
precipitate in NH 4 OH, and reprecipitate the AgCl by the 
addition of HN0 3 . This test is applicable only in the absence 
ofBr-, I", S— and CNS” ions. 

Oxidizing agents stronger than chlorine will oxidize chlo- 
rides to free chlorine which in turn may be detected by 
suitable reagents. Permanganate ion in acid solution, H 2 0 2 , 
and others are suitable oxidizing agents for the conversion 
of Cl - ion to free chlorine (see #94, Table 14). Starch iodide 
paper is an excellent reagent for the detection of free chlorine. 
However, bromine gives the same test. 

Bromide Ion, Br~. Hydrogen bromide is a colorless gas 
at ordinary temperatures and is highly soluble in water. In 
solution it is known as hydrobromic acid which is completely 
ionized to give H+ and Br~ ions. Most bromides are soluble 
in water; AgBr, Hg 2 Br 2 , PbBr 2 and Cu 2 Br 2 show a limited 
solubility. In fact all bromides are less soluble than the 
corresponding chlorides. There are two properties of the 
Br _ ion which makes its identification possible in the pres- 
ence of Cl - and I - ions, (1) the bromides are less soluble 
than the chlorides and (2) the Br~ ion is a much stronger 
reducing agent than is the Cl - ion but is not nearly as strong 
in this respect as the 1“ ion. Thus, bromides are quite 
readily oxidized to free bromine whereas chlorides are oxi- 
dized to chlorine with greater difficulty (see Table 14, ##62, 
83 and 94). 

When Ag + ion is added to a solution containing Br _ ion, a 
light yellow precipitate of AgBr appears. It is insoluble in 
dilute HN0 3 , but is readily dissolved by CN” ion. It dis- 
solves in NH4OH if the concentration of the reagent is 
relatively high. As a matter of fact, a molar solution of 
Ag(NH 3 ) 2 + ion furnishes more Ag + ions than a saturated 
solution of AgBr (see Table 16, page 305), but since the 
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concentration of the Ag + ion in these two solutions is of 
the same order of magnitude it is possible to reverse the 
equilibrium in the direction of the formation of the complex 
ion by using a relatively high concentration of ammonia. 

There are several oxidizing agents which are capable of 
converting Br~ ion to free Br 2 . The following equations 
illustrate the reactions involved : 

Cls + 2Br- = 2C1- + Br 2 (164) 

2Mn0 4 - + 10Br- + 16H+ = 2Mn++ + 5Br 2 + 8H 2 0 (165) 

SO*"" + 2Br- + 4H+ = S0 2 + Br 2 + 2H a O (166) 

Mn0 2(s) + 2Br~ + 4H~*" = ]VIn"*"'*~ + Br 2 4- 2H 2 0 (167) 

Cr 2 0 7 + 6Br- + 14H+ = 2Cr+++ + 3Br 2 + 7H 2 0 (168) 

In each case free Br 2 is liberated, though in some instances 
it may be necessary to heat the mixture. In order to identify 
the free bromine it is essential to add some organic com- 
pound in which bromine is readily soluble. For this purpose 
carbon tetrachloride, chloroform or carbon bisulfide may 
be used. 

Iodide Ion, I - . Hydrogen iodide is a gas at ordinary 
temperatures which is exceedingly soluble in water. Its 
water solution is known as hydriodic acid, a strong acid 
which is completely ionized to H + and I - ions. All the 
common iodides with the exception of Agl, Hg 2 I 2 , Pbl 2 and 
Cu 2 I 2 are soluble in water. These iodides show a lower 
solubility than the corresponding bromides. The I - ion 
is a much stronger reducing agent than the Br~ ion and 
is therefore readily oxidized by oxidizing agents to free 
iodine. 

Iodide ion shows a marked tendency to combine with free 
iodine to form the complex tri-iodide ion, I 3 ~ (I - + I 2 = I 3 ~). 
While the 1“ ion is colorless in water solution the I 3 “ ion is 
brown in color. Many other complex ions containing iodine 
in the anion are known. Thus Hgl 2 reacts with I - ion to 
form Hgl 4 — ion. 

Hgl 2 + 21- = Hgl 4 (169) 
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Cuprous iodide likewise dissolves in the presence of excess 
j- ion to form a complex ion. 

Cu 2 I 2 + 21 = 2 CuI 2 (170) 

Bismuth iodide, Bil,, behaves similarly. 

Bil s + I” = Bil 4 - (171) 

Silver ion gives with 1“ ion a yellow precipitate of Agl, 
insoluble in HN0 3 as well as in NH 4 OH but readily soluble 
in solutions containing CN~ ion. Silver iodide is not appre- 
ciably soluble in NH 4 OH, AgBr is soluble only when the 
concentration of the NH 4 OH is relatively high, and AgCl is 
readily soluble. By the use of this reagent it is possible to 
effect a qualitative separation of iodides from bromides and 
chlorides. 

The I - ion is easily oxidized by many oxidizing agents 
some of which are included in the following equations: 

Cl* + 21- = I 2 + 2C1- (172) 

Br 2 + 21- = I 2 + 2Br- (173) 

2N0 2 - + 21" + 4H + = I 2 + 2NO + 2H 2 0 (174) 

2Mn0 4 ~ + 101- + 16H+ = 2Mn ++ + 5I 2 + 8H 2 0 (175) 

C r 2 0 7 — + 61- + 14H+ = 2Cr +++ + 3I 2 + 7H 2 0 (176) 

H 2 0 2 + 21- + 2H + = I 2 + 2H 2 0 (177) 

2F e +++ + 21- = 2Fe ++ + I 2 (178) 

The free iodine produced may be detected by the violet 
color it imparts to such solvents as chloroform, carbon 
bisulfide or carbon tetrachloride in which it is readily 
soluble. A very sensitive test for free iodine is starch 
solution or prepared starch paper ; a characteristic blue color 
appears in the presence of this reagent. 

Some of the above oxidation-reduction reactions do not 
take place when a bromide or a chloride is used in p ace 0 
an iodide. This fact renders possible the identification of 
an iodide in the presence of the other halide ions. us, 

N0 2 - ion in the presence of dilute H 2 S0 4 oxidizes ion 


. n 
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but will not oxidize Cl - or Br - ions. Likewise, Fe +++ ion 
in dilute H 2 S0 4 solution will oxidize I~ ion but not Br~ ion. 
An examination of Table 14 reveals many possibilities 
relative to the oxidation of the halide ions. The differences 
found here are due to the fact that I - ion is the strongest 
reducing agent of the halide ions under consideration while 
the Cl - ion is the weakest. Thus, much stronger oxidizing 
agents are required to oxidize Cl” ion than Br - ion, and in 
turn much stronger oxidizing agents are necessary for the 
oxidation of the Br - ion than for the I~ ion. 

Phosphate Ion, P0 4 . Phosphorus forms several oxy- 

acids in which the valence number of the phosphorus is 
plus five. Of these the most important is orthophosphoric 
acid, H3PO4. Since it is a tribasic acid, it ionizes in water 
solution in three stages (see Chapter V). The HP0 4 ion 
is such a weak acid that in strong acid solution the concen- 
tration of the P0 4 ion is too small to precipitate any of 
the relatively insoluble phosphates of the aluminum, zinc, 
or alkaline earth groups. If the H + ion concentration is 
maintained at about 10 ~ 5 M by the use of a buffer of sodium 
acetate and acetic acid, the phosphates of Fe +++ , Cr +++ , 
and Al +++ may be precipitated. In basic solution all of 
the phosphates of the ions of these two groups and of most 
of the others are insoluble. The phosphates of alkali metal 
ions are soluble. Many of the monohydrogen phosphates 
are also insoluble while in general the dihydrogen phosphates 
are soluble in water. 

Silver nitrate gives with solutions of phosphates the 
slightly soluble silver phosphate, Ag 3 P0 4 , yellow in color. 
It is soluble in nitric acid and also in ammonium hydroxide. 

Magnesia mixture, which is a solution containing MgCb, 
NH 4 C1 and NH 4 OH, precipitates white magnesium am- 
monium phosphate, MgNH 4 P0 4 , soluble in acids. 

Mg++ + NH 4 + + P0 4 = MgNH 4 P0 4(s) (179) 

Solutions of phosphates react with a mm onium molybdate 
reagent, (NH 4 ) 2 Mo0 4 , to produce a yellow precipitate of 
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ammonium phosphomolybdate, (NH 4 ) 3 P0 4 • 12Mo0 3 . This 
is a very delicate test for the P0 4 ion. Alkalies and 
NH 4 OH dissolve the precipitate. In appearance it closely 
resembles the corresponding ammonium arsenomolybdate, 
but differs from the latter in that it is soluble in ammonium 
oxalate solution. 

Arsenite Ion, As0 3 . Arsenous acid has never been 
isolated, yet its anhydride, As 2 0 3 , is one of the most common 
compounds of arsenic. This substance dissolves slightly in 
water to produce an acid solution which may be regarded 
as a solution of arsenous acid. Most of the known salts of 
arsenous acid are derived from the meta-acid, HAsQ 2 . 

Arsenites appear in various forms as the orthoarsenites, 
the metarsenites and the pyroarsenites. Examples of these 
three forms are barium metarsenite, Ba(As0 2 )2, silver ortho- 
arsenite, Ag 2 As0 3 , and ammonium pyroarsenite, (NH 4 )As 2 0 5 
respectively. In all of these compounds the arsenic atom 
has the valence number of plus three. The arsenites of the 
alkali metals are all soluble in water and those of all other 
metals are soluble in weak acid solution. When a strong 
acid is added to a solution of a soluble arsenite, the weak 
arsenous acid (in solution) is formed. However, this will 
react with H 2 S to precipitate As 2 S 3 . 

Arsenous acid is amphoteric and therefore is dissolved 
both by strong acids and by strong bases. The acid ioniza- 
tion constant for arsenous acid has a value of about 2 X 10 ~ 8 . 
(See page 330 for a discussion of the chemistry of the com- 
pounds of arsenic.) 

The Arsenate Ion, As0 4 . Arsenic acid may be made by 

dissolving As 2 0 3 in nitric acid. The arsenic in the plus three 
state is thereby oxidized to arsenic in the plus five state and 
arsenic acid results. This substance may be crystallized 
from the solution as 2H 3 As0 4 • H 2 0. When this substance 
is heated it dissociates into water and As 2 05 , which in turn 
may be dissolved in water to give a solution of arsenic acid. 

Like the phosphates the arsenates occur in various forms 
such as the metarsenates, the orthoarsenates and the pyro- 
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arsenates. The arsenates resemble the phosphates in their 
properties. Many of the arsenates are isomorphous with 
the phosphates. When arsenates are dissolved in acid solu- 
tion, the weak arsenic acid, H 3 As0 4 , is formed. However, as 
an acid H3ASO4 is very much stronger than arsenous acid, 
since its ionization constant has a value of about 5 X 10~ 3 . If 
a solution of arsenic acid is saturated with hydrogen sulfide in 
the cold, AS2S5 is formed. This reaction, however, is exceed- 
ingly slow. 

2H 3 As0 4 + 5H 2 S = As 2 S5 (S ) + 8H2O (180) 

When the solution is hot the arsenic acid is reduced by the 
hydrogen sulfide to arsenous acid and the arsenous acid in 
turn gives As 2 S 3 with H 2 S. This reaction is catalyzed by the 
I - ion (see Note 4 on page 346). 

The Borate Ion, B0 2 ~. The borate ion may exist in sev- 
eral forms, as metaborate, B0 2 , orthoborate, BO3 , 

and tetraborate, B4O7 . Very few orthoborates are known. 
Most of the borates exist in the meta form. Borax is sodium 
tetraborate, Na 2 B 4 0 7 . 

Boric acid of commerce is sometimes known as boracic 
acid and has the formula H 3 B0 3 . Upon heating, water is 
lost and metaboric acid HB0 2 is formed, which upon further 
heating again is changed to tetraboric acid, H 2 B 4 07. Boric 
acid is a very weak acid; the ionization constant for the 
first stage of ionization has a value of 1 x 10 -9 . In fact it is 
so weak that a saturated solution of it may be used as an 
eye wash without any irritation. The formula for borax, 
Na 2 B 4 0 7 , may be written as Na 2 0 • 2B 2 0 3 while the formula 
for sodium metaborate, NaB0 2 , may be written as 
Na 2 0 • B 2 0 3 . From these formulae it is apparent that there 
is an excess of B 2 0 3 in the sodium tetraborate. When borax 
is fused this excess B 2 0 3 acts as an acid anhydride and dis- 
solves the oxide of other metals, thereby often forming a 
colored borax. For example when cobalt oxide, CoO, dis- 
solves in borax to produce the characteristic deep blue col- 
ored bead, the reaction may be regarded as 
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With methyl alcohol in acid solution the borates form 
methyl borate (CHsO^B. This compound is volatile and 
when burned gives rise to a characteristic green flame which 
is often used as a test for the borates. 

When a drop of a solution containing a borate and acidi- 
fied with HC1 is placed on a piece of turmeric paper which 
is then dried above a flame, a characteristic reddish-brown 
color is observed. This color changes to green when a drop 
of 0.1 M NaOH solution is placed on the spot. 

Nitrate Ion, N0 3 “. Anhydrous nitric acid is miscible with 
water in all proportions and in dilute solution is completely 
ionized. It is a powerful oxidizing agent and acting in this 
capacity the nitrogen atom is reduced from the plus five 
valence state to one of the lower valence states. The pos- 
sible reduction states of the nitrogen atom are plus four as in 
N0 2 ; plus three as in N 2 0 3 ; plus two as in NO; plus one as 
in N 2 0 ; and minus three as in NH 3 . In general, the lower 
the concentration of the HN0 3 , the higher the temperature 
and the more powerful the reducing agent, the lower will be 
the valence of the nitrogen atom in the reduction product. 

All nitrates are soluble in w T ater with the exception of a 
few basic salts. This fact makes it impossible to separate 
nitrates from a mixture of ions by precipitation methods. 
To identify the N0 3 ~ ion it is necessary to resort to some of 
its characteristic properties as an oxidizing agent and then 
identify the products of oxidation. 

Dilute H2SO4 does not react with nitrates, but when con- 
centrated ELSCb is heated with a solid nitrate, HN0 3 is 
produced and is partially decomposed to N0 2 which appears 
in the form of brown fumes. 

2HN0 3 = 2N0 2(9) + H 2 0 + (182) 

The “brown ring” test for the nitrate ion is carried out 
in the following way. To 10 drops of the. solution to be 
tested, if alkaline, add 1 M H 2 S0 4 dropwise until acid. Add 
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2 drops 1 M FeS0 4 solution and, with the test tube held in a 
slanting position, allow 0.5 mi. concentrated H 2 S0 4 to run 
down the wall of the test tube. The H 2 S0 4 forms a separate 
layer at the bottom of the test tube. If NO 3 " ~ ion is present 
a brown ring forms at the junction of the two liquids in 
the course of a few minutes (compare with the action of 
N0 2 - ion — see below). The brown color is due to the 
formation of ferrous nitroso sulfate, FeN0S0 4 . The N0 3 ~ 
ion is reduced to nitric oxide, NO, which in turn reacts with 
the Fe ++ ion to form a complex ion, Fe(NO) ++ . C10 3 - I~ 
Br _ and N0 2 - ions interfere with this test. 

If concentrated H 2 S0 4 is added to brucine (an alkaloid) 
and the mixture is then added to a small amount of a solu- 
tion containing N0 3 - ion, a deep red color changing quite 
rapidly to yellow appears. Subsequent addition of SnCl 2 
produces a violet color. N0 2 ~ does not interfere but C10 3 “ 
ion does. 

Aluminum powder added to alkaline solutions of nitrates 
reduces the N0 3 ~ ion to NH S . When the solution is heated 
NH 3 is liberated and may be detected by litmus paper in 
the usual manner. Naturally, the unknown solution must 
not contain ammonium salts. If present, they must first 
be removed by treating with NaOH and boiling; then the 
test for N0 3 - ion can be applied. The formation of ammonia 
is given by the following equation: 

8A1 W + 3N0 3 - + 50H- + 2H 2 0 - 3NH S + 8A10 2 - (183) 

Other tests for NCb - are known which involve the reduc- 
tion of N0 3 _ ion to N0 2 - and a subsequent test for the 
latter. These tests are described under the properties of 
the N0 2 ~ ion. 

Nitrite Ion, N0 2 ~. Nitrous acid is not known in the 
pure state but in water solution it has the properties of 
a weak acid. Since the ionization constant for this acid is 
4.6 x 10 -4 , it is to be regarded as one of the stronger of 
the weak acids. 

All nitrites are soluble in water with the exception of silver 
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nitrite which is slightly soluble. Many salts are known con- 
taining the nitrite radical in complex anions. Some of these 
show a rather limited solubility, such as potassium cobalti- 
nitrite, K3Co(N0 2 ) 6 . 

The valence state of the nitrogen atom in the N0 2 - ion 
is plus three; consequently, this ion can function either as 
a reducing or as an oxidizing agent. The following equations 
illustrate this dual behavior of the N0 2 ~ ion. 

2Mn0 4 -+5N0 2 -+6H+ = 2Mn+++5NO s -+3H s O (184) 
Cr 2 0 7 - - + 3N0 2 -+8H+ = 2Cr+++ +3N0 8 - +4H 2 0 (185) 
C10 3 - + 3N0 2 - = 3N0 3 - + Cl- (186) 

2NO a - + 21- + 4H+ = 2NO + I 2 + 2H 2 0 (187) 

N0 2 - + Fe++ + 2H+ = NO + Fe+++ + H 2 0 (188) 

2N0 2 - + H 2 S + 2H+ = 2NO + S w + 2H 2 0 (189) 

Other oxidation-reduction reactions involving the N0 2 ~ ion 
may be found by examining Table 14. 

If a nitrite is treated with a small amount of dilute HC1 
and the mixture warmed so as to allow escaping gases to 
come in contact with moistened starch-potassium iodide 
paper, the latter will assume a deep blue color. This test 
may also be applied by dipping the paper into a nitrite 
solution acidified with HC1. 

If FeS0 4 is added to a dilute acid solution of a nitrite 
(acetic acid suffices), the N0 2 - ion is reduced to NO which in 
turn combines with the Fe ++ ion to form the brown, Fe(NO) ++ 
complex ion. This reaction can be applied to the detection 
of NO3- ion, provided concentrated H 2 S0 4 is used. Since 
HN0 2 and HN0 3 have approximately the same strength 
as oxidizing agents (#79 and #81, Table 14) the great differ- 
ence in their behavior in forming Fe(NO) ++ ion must be 
due to the relative velocities of the two reactions. 

Chlorate Ion, C10 3 -. Chloric acid, HC10 3 , is not known 
in the free condition. Dilute solutions of the acid may be 
prepared and concentrated by evaporation to about 40% 
of the acid; beyond this point decomposition takes place. 
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Chloric acid is a strong acid and hence its solutions may be 
considered as being practically completely ionized. All 
chlorates are soluble in water, but a low H + ion concentra- 
tion is necessary to prevent the precipitation of basic salts 
of a few of the positive ions. 

Concentrated H 2 S0 4 reacts with the chlorates with the 
liberation of C10 2 which when heated decomposes explo- 
sively. (Great care should be exercised when treating 
chlorates with sulfuric acid.) The C10 2 gas is quite unstable 
and possesses an odor similar to that of chlorine. 

Chlorates are readily reduced by H2SO3 to chlorides. 

CIO*- + 3S0 3 — = Cl- + 3S0 4 — (190) 

The presence of Cl~ ion may be detected by adding HN0 3 
and AgN0 3 and heating the mixture gently; a precipitate of 
AgCl forms slowly. 

Nitrite ion also reduces C10 3 - ion in acid solution. 

CIO 3 - + 3N0 2 - = Cl- + 3N0 3 - (191) 

Obviously these two ions cannot be present in the same 
solution. 

The usual procedure for the identification of a chlorate 
consists first of its reduction to Cl“ ion by a suitable reagent 
and then the precipitation of AgCl. 
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LIST OF DESK APPARATUS 


2 beakers, 50 ml. 

2 beakers, 100 ml. 

14 bottles, dropper reagent, 1 
ounce 

1 glass-stoppered bottle, 1 
ounce (tincture) 

1 Bunsen burner 
1 casserole, 30 ml. 

1 clamp holder 

1 clay triangle 

2 cobalt glass pieces (5 cm. 

X 5 cm.) 

1 crucible, porcelain (small) 

1 crucible tongs, iron 
1 cylinder, graduated, 10 ml. 

1 cylinder, graduated, 25 ml. 

1 evaporating dish, #00 
1 evaporating dish, #000 
1 file, triangular 

1 flask, Florence, 250 ml. 

2 flasks, Erlenmeyer, 25 ml. 

1 box filter paper, 40 mm. 

1 box filter paper, 55 mm. 

2 funnels, 30-40 mm., short 

stem 

1 funnel stand 
1 gauze, wire 
1 box labels 
1 box matches 

6 medicine droppers (stand- 
ard) 

1 mortar (small) 
l pipette, 5 ml. 


2 lengths 3 mm. glass rod, 
30 cm. each 

4 lengths 6 mm. glass tubing, 
30 cm. each 
1 bar soap 
1 stand, iron (small) 

1 spatula (micro) 

1 sponge 

1 two-hole rubber stopper to 
fit 250 ml. flask 
1 one-hole rubber stopper to 
fit 25 ml. flask 

1 one-hole rubber stopper to 
fit 10 ml. test tube 
1 tube litmus paper, blue 
1 tube litmus paper, red 

1 tube methyl violet paper 

2 pieces 8 mm. gum rubber 

tubing, 30 cm. each 
1 piece 1 cm. gas tubing, 60 
cm. 

1 test tube holder (small) 

10 test tubes, 7.5 cm. X 1 cm. 
12 test tubes (Pyrex), 10 cm. 

2 test tubes, 15 cm. 

1 test tube brush (small) 

1 test tube rack (small) 

2 towels 

1 tray for 14 reagent bottles 

2 watch glasses, 50 mm. 

1 wing top 

2 pieces wire, iron or Chromel, 

15 cm. in length to be 
used for flame tests 
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LISTS OF REAGENTS 

ACIDS CONCENTRATION (MOLAR) 

Acetic, dilute 5 

Hydrochloric, cone 12 

Hydrochloric, dilute 6 

Hydrochloric 3 

Nitric, cone 15 

Nitric, dilute 6 

Sulfuric, cone 18 

Sulfuric, dilute 0 

BASES 

Ammonium hydroxide, cone 15 

Ammonium hydroxide, dilute 6 

Ammonium hydroxide . 3 

Potassium hydroxide 6 

Sodium hydroxide 6 

Sodium hydroxide 0.1 

SALT SOLUTIONS, TEST SOLUTIONS, AND SPECIAL 
REAGENTS 

Aluminon reagent, 1 g. of the ammonium salt of aurin tri- 
carboxylic acid in 1 liter of water. 

^Aluminum nitrate 0.1 

Ammonium acetate 3 

Ammonium carbonate reagent, dissolve 200 g. of ammo- 
nium carbonate in 500 ml. of 3 M ammonium hydroxide 
and dilute to 1 liter. 

Ammonium chloride 5 

Ammonium iodide 1 

Ammonium molybdate, dissolve 40 g. of M0O3 in a mix- 
ture of 100 ml. of water and 60 ml. of 15 M NH 4 OH. 

Add this solution slowly and with vigorous stirring to 
one containing 200 ml. of 15 M HN 0 3 and 450 ml. of 
water. 

* Reagents indicated by an asterisk are to be used as test solutions both 
for cations and anions. Some of these reagents are also needed for other 
purposes. 
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* Ammonium nitrate 0.1 

Ammonium nitrate 4 

* Ammonium oxalate 0.2 

Ammonium sulfate 1 

Ammonium sulfate 0.1 

* Antimony trichloride, dissolve in 500 mi. of 6 M HC1 and 

dilute to 1 liter 0.1 

* Arsenic oxide, dissolve in hot water and add a small 

amount of HC1 to obtain a clear solution 0.1 

* Arsenous oxide, dissolve in 30 ml. of 6 M HC1 and dilute 

to 1 liter 0.1 

Barium chloride 0.1 

*Barium nitrate 0.1 

^Bismuth nitrate, add to 1 liter of 1.5 M HNO3 0.1 

Bromine, liquid (not on shelf) 

Bromine water, saturate water with a few drops of liquid 
bromine. 

^Cadmium nitrate 0.1 

Cadmium sulfate 0.1 

Calcium chloride 0.1 

^Calcium nitrate 0.1 

Carbon tetrachloride 

^Chromium nitrate 0.1 

*Cobalt nitrate 0.1 

*Cupric nitrate 0.1 

Cupric sulfate 0.1 

Dimethylglyoxime, 1% solution, dissolve 10 g. in 1 liter 
of alcohol. 

Ferric chloride 0.1 

*Ferric nitrate 0.1 

F err ous sulfate 0.1 

Hydrogen peroxide, 3% solution 

Lead acetate 0.2 

*Lead nitrate 0.1 

Magnesia mixture, dissolve 50 g. of MgCl 2 • 6H 2 0 and 
70 g. of NH4CI in 400 ml of water, add 100 ml of 15 M 
NH4OH and dilute to 1 liter. Should be filtered before 
using. 

^Magnesium nitrate 0.1 

^Manganous nitrate 0.1 
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Mercuric chloride 0.1 

^Mercuric nitrate 0.1 

*Mercurous nitrate 0.1 

Methyl alcohol 

Methyl orange (1 g. in 1 liter) 

*Nickel nitrate 0.1 

Phenolphthalein, 1% solution in 50% alcohol 

^Potassium bromide 0.] 

Potassium carbonate, saturated solution 

^Potassium chlorate 0.1 

Potassium chromate 1 

^Potassium chromate 0.1 

^Potassium ferricyanide 0.1 

*Potassium f errocyanide 0.1 

^Potassium iodide 0.1 

^Potassium nitrate 0.1 

Potassium nitrite 6 

Potassium permanganate .01 

Potassium thiocyanate 1 

^Potassium thiocyanate 0.1 

S. and O. reagent for magnesium — p-nitrobenzeneazore- 
sorcinol. Dissolve 1.2 g. of the dye in 250 ml. of 0.25 M 
NaOH. 

^Silver nitrate 0.1 

Sodium acetate 2 

*Sodium arsenate 0.1 

*Sodiu.m arsenite. 0.1 

*Sodium tetraborate (borax) 05 

Sodium carbonate 1.5 

*Sodium carbonate 0.1 

*Sodium chloride 0.1 

*Sodium fluoride 0.1 

*Sodium nitrite 0.1 

Sodium dihydrogen phosphate 0-5 

Sodium hydrogen phosphate 0.5 

*Sodium hydrogen phosphate 0.1 

Sodium sulfate, saturated 

Sodium hydrogen sulfate 2 

*Sodium sulfide 0.1 

*Sodium sulfite . . 0.1 
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*Sodium thiosulfate 0.1 

*Stannie chloride 0.1 

♦Stannous chloride, dissolve 22 g. of SnCl 2 • 2H 2 0 in 75 ml. 
of 12 M H Cl, allow to stand for several hours and then 

dilute to 1 liter 0.1 

^Strontium nitrate 0.1 

*Zinc nitrate 0.1 

Zinc sulfate 0.1 


Solid Reagents 


In addition to the following list of solid reagents, which 
are essential for the procedures in this text, it is desirable 
that the student have available all the solids used in pre- 
paring the previously listed solutions. Substances needed 
for solid unknowns are of such a varied nature, that the 
selection of them is left to the discretion of the instructor. 


Aluminum, granular, pellets 
Ammonium chloride 
Ammonium nitrate 
Ammonium sulfate 
Calcium fluoride 
Ferrous sulfate 
Iron, very fine wire 
Mercury (not on shelf) 
Potassium ferricyanide 


Potassium nitrate 
Potassium permanganate 
Sodium bicarbonate 
Sodimn bismuthate 
Sodium carbonate 
Sodium chloride 
Sodium thiosulfate 
Zinc, powdered 




: 


TABLE 36 
Density-Molarity 

In making solutions of H 2 S0 4 , HC1, HN0 3 , and NH 3 the con- 
centration of the solution which is to be diluted should always be 
determined. This can easily be done with the aid of a hydrometer 
and the following table. If no hydrometer is available a pyc- 
nometer may be used or a relatively large amount of the solution 
(500 ml.) can be weighed on a rather rough balance and the density 
determined by comparing the weight with an equal volume of 
water. 

For the purposes of this course this table will apply to densities 
determined between 15° and 25° C. 
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h 2 so 4 


M 

d 

(20° C. 

1 

1.060 

2 

1.118 

3 

1.177 

4 

1.234 

5 

1.287 

6 

1.338 

7 

1.388 

8 

1.440 

9 

1.490 

10 

1.539 

11 

1.586 

12 

1.633 

13 

1.678 

14 

1.722 

15 

1.761 

16 

1.795 

17 

1.822 

18 

1.834 


HC1 

M 

d 

(20° C.) 

1 

1.016 

2 

1.033 

3 

1.050 

4 

1.066 

5 

1.082 

6 

1.098 

7 

' 1.113 

8 

1.128 

9 

1.143 

10 

1.158 

11 

1.171 

12 

1.184 

13 

1.196 


hno 3 


M 

d 

(20° C. 

1 

1.032 

2 

1.065 

3 

1.097 

4 

1.130 

5 

1.161 

6 

1.192 

7 

1.221 

8 

1.248 

9 

1.275 

10 

1.300 

11 

1.324 

12 

1.346 

13 

1.367 

14 

1.386 

15 

1.403 

16 

1.417 


NH 4 OH(NH 3 ) 


M 

d 

(20° C.) 

1 

.992 

2 

.984 

3 

.976 

4 

.969 

5 

.962 

6 

.955 

7 

.948 

8 

.942 

9 

.935 

10 

.928 

11 

.922 

12 

.916 

13 

.909 

14 

.903 

15 

.897 

16 

.892 


Preparation Op Unknown Solutions 

It is desirable that the student carry out tests with solu- 
tions containing given ions at concentrations comparable 
to those of the unknown solutions. For this purpose it is 
recommended that all stock solutions contain the ions in 
question at a concentration of 0.1 M. In making up an 
unknown the instructor may then conveniently use 0.6 ml. 
(12 drops) of a 0.1 M solution of each ion included and then 
dilute to a total volume of 3 ml. This procedure allows for 
a maximum of five ions each at a concentration of .02 M. 
If it is desirable to use a larger number of ions for the un- 
known solution the total volume may be increased to 4 ml. 
or more. All test solutions should be made available to the 
student for carrying out the 'preliminary experiments. 



In designing the problems for this course, simplicity of mathe- 
matical operations has been one of the chief objectives. Since the 
primary purpose of these problems is the development of an 
understanding of chemical equilibrium, difficulties with mathe- 
matics would tend to impair the progress of the student. There 
are, however, a few simple mathematical operations, notations 
and concepts with which it is impossible to dispense. These are 
given in the nature of a review since it is assumed that the student 
is familiar with the simplest algebra and the use of logarithms. 

The Use of Exponents. The small size and the large 
numbers of molecules with which we have to deal make it 
necessary to use numbers that are often beyond everyday 
range of thought. For example, there are 606,000,000,000,- 
000,000,000,000 molecules in one mole or one gram molecule 
of any substance. Instead of expressing the number in this 
manner we use an abbreviated form, 6.06 X 10 23 (6.06 times 
ten to the twenty-third power) . The factor 10 23 is equivalent 
to moving the decimal point twenty-three places to the 
right in the number 6.06. The number 2000 may be writ- 
ten 2 X 10 3 , that is, 2 x 1000, for 10 3 is the product ob- 
tained when 10 is multiplied by itself three times; i.e., 
10 X 10 X 10. One million would be IQ 6 , and one billion, 
10 9 . The number 206,000 could be written in any one of the 
following ways: 

0.206 X 10 6 206 X 10 3 

2.06 x 10 5 2060 x IQ 2 

20.6 x 10 4 20600 x 10 

The first, second or third of these are obviously the most 
convenient. 

Numbers very much smaller than 1 are expressed in a 
similar manner. Two-millionths may be written .000002, but 
for convenience it is better to write it as 2 X 10~ 6 (2 times 
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ten to the minus sixth power). In order to convert the 
second form to the first it is necessary merely to move the 
decimal point six places to the left. It is the same as 2/10 6 , 
that is, two divided by one million. Again, this number 
could be written in any of the following forms : 

2.0 x 10~ 8 .002 x 10-® 

0.2 x 10- 5 .0002 x 10~ 2 

.02 x IQ- 4 .00002 x 10- 1 

.000002 

The first two of these forms are the most convenient. The 
number 10~ 6 is the same as 0.1 X 0.1 x 0.1 x 0.1 x 0.1 
X 0.1. 

The use of the exponential form greatly facilitates the 
multiplication and division of either large or small numbers. 
In multiplying two purely exponential numbers the ex- 
ponents are added, and this algebraic sum is used as the 
exponent of the answer. Examples : 

10 3 x 10 3 = 10 6 
10 s X 10- 2 = 10 
10 23 X 10- 6 = 10 17 

Multiplying 4 x 10 7 by 6 X 10 4 becomes 24 X 10 u , that is, 
(4 x 6) x (10 7+4 ). Likewise, 

6000 X 210 = 6 X 10 3 X 2.1 x 10 2 = 12.6 X 10 5 
420 X 0.000036 = 4.2 X 10 2 X 3.6 X 10- 5 = 15.12 X 10- 3 
.00012 x .00007 = 1.2 x 10- 4 x 7.0 X 10- 5 = 8.4 x 10- 9 . 

The reverse operation is performed by dividing one num- 
ber by another. For the purely exponential part of the 
number the exponent of the divisor is subtracted algebrai- 
cally from that of the dividend and the algebraic difference 
is used as the exponent of the answer. Thus, 

10 6 divided by 10 2 = 10 4 
Examples of division are: 

(a) 4 X 10 4 2 x 10 2 = = {£) X (—) 

2 x io 2 \2J \ioy 

= 2 x 10 2 
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(b) 4 X 10 4 '-f 8 X 10- 6 = (0 x = 0.5 X 10 4 - ( - 6) 

= 0.5 X 10 4 + 8 = 0.5 X 10 10 

(c) 3.2 x 10- 5 + 4x 10- 9 = (~^j x = 0.8 x lO- 6 -'-® 

= 0.8 X 10~ 5 + 9 = 0.8 X 10 4 = 8 X 10 3 

Since the squaring of any number is the operation of 
multiplying the number by itself, (2 x 10 5 ) 2 becomes, 

2 X 10 5 • 2 X 10 5 or 4 X 10 10 

In extracting a square root of a purely exponential n um ber, 
the exponent is merely divided by two and used in the 
answer : 

VW = 10 2 

The square root of 4 x 10~ 4 = Vi x VTcF 4 = 2 x 10~ 2 . 
It is essential that the exponent be an even number in order 
to simplify the procedure ; if it should not be an even number 
it may be easily changed as shown in the following cases: 

(a) V0.4 x 10 s = V4 x 10 4 

(or (4 x 10 4 ) 4 ) = Vi x VlO 4 = 2 x IQ 2 

(b) V2.5 x 10- 9 = V25 x 10-“ 

(or (25 X 10- 10 ) 4 ) = 5 X 10~ 5 

(c) V81 X 10 6 = (81 X 10 6 ) 1 = 9 X 10 s 

The exponent § may be substituted for the usual square 
root sign. Thus V2 is the same as 2 4 , and V3 X 10 2 , the 
same as (3 X 10 2 ) 4 . 

The Use of Logarithms and Exponential Numbers. The 
common logarithm of any number is the power to which 
the number 10 must be raised to equal that number. Thus 
the logarithm of 1000 is 3, that is, the number 10 must be 
raised to the third power to be equal to 1000. Examples: 
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Number 

Number expressed 
exponentially 

Logarithm 

1000 

10 s 

3 

100000 

10 5 

5 

10 

10 1 

1 

1 

100 

0* 

.01 

10- 2 

-2 

.00001 

10- 5 

-5 


To what power must 10 be raised to equal 50? Obviously, 
the value of this exponent must be between 1 and 2, for 
50 lies between 10, the common logarithm of which is 1, 
and 100, the common logarithm of which is 2. The log- 
arithm of 50 is 1.6990, that is, 50 = 10 1 - 6990 . When the ex- 
ponent of 10 is not a whole number, we cannot give it the 
same simple interpretation as was done in the previous 
section. For example, to move the decimal point 1.6990 
places to the right has no meaning. Nevertheless, any num- 
ber may be expressed entirely in the exponential form. 
Examples are: 


Number 

20 

310 

.013 


Logarithm of 
number 
1.3010 
2.4914 
-1.8861 


Number expressed 
exponentially 

101-3010 

102.4914 

1Q-1-8S61 


What was stated previously regarding the multiplication 
of exponential numbers applies here; that is, for multiplica- 
tion the exponents are added, and for division, the exponents 
are subtracted. Thus, 


20 X 310 = 10 L301 ° X 10 2 - 4914 = 10 3 - 7924 = 6200 
(The logarithm of 6200 is 3.7924.) 

The exponent in question may be found in logarithm tables 
provided for this purpose. Accordingly, the procedure used 
to obtain the product of any two or more numbers by the 
use of logarithms is as follows: The logarithms of the num- 

* Any finite number raised to the zero power is equal to 1. 
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bers are taken from the tables and added. This sum of 
logarithms is the logarithm of the product of the original 
numbers which again may be obtained from the tables. 
Thus, to multiply 20 by 310 we add the logarithms of these 
numbers, 1.3010 and 2.4914, which gives 3.7924. By re- 
ferring to the logarithm tables we find that the number 
6200 corresponds to the logarithm 3.7924. 

Similarly, in the process of division, the logarithms are 
subtracted. In order to divide 6240 by 39 we first find the 
logarithms for these numbers, 3.7952 and 1.5911 respectively. 
Subtracting the second from the first we obtain 2.2041 which, 
by referring to the tables, we find corresponds to 160, the 
answer. Another example is: Divide 3913 by 13.* 

Logarithm of 3913 = 3.5925 
Logarithm of 13 = 1.1139 
Logarithm answer = 2.4786 

The answer is 301 since it is the number which corresponds 
to the logarithm whose value is 2.4786. 

Every logarithm is made up of two parts, the character- 
istic and the mantissa. The characteristic is that part of 
the logarithm which lies to the left of the decimal point, and 
the mantissa that part to the right of it. If the logarithm 
of a number is 4.3060, the characteristic is 4 and the man- 
tissa is .3060. Only the mantissa is found in the logarithm 
table since the characteristic merely depends upon the posi- 
tion of the decimal point. For example, the logarithm for 
316 is found in the tables to be 4996, which is only the 
mantissa. The characteristic is one less than the number of 
digits in the number 316, that is, 3 - 1 or 2. So the log- 
arithm for the number 316 is 2.4996 (or .4496 + 2). It will 
be observed that the mantissae for the logarithms of the 
numbers 316, 31.6 and 3.16 are all the same; only the char- 
acteristics are different : 2, 1 and 0 respectively. 

The significance of the mantissa and the characteristic 

* In actual practice it would not be practical to use logarithms for such a 
simple case. 
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can perhaps be better understood from the following con- 
siderations. The number 316 may be written 3.16 X 10 2 . 

logarithm of (3.16 X 10 2 ) = logarithm of 3.16 + logarithm of 10 2 
logarithm of (3.16 X 10 2 ) = .4996 (mantissa) +2 (characteristic) 
or logarithm of 316 = 2.4996 

The logarithm of any number less than 1 has a negative 
value and great care must be used in dealing with such 
logarithms to avoid mistakes and confusion. The logarithm 
of such a number may be obtained easily by the same pro- 
cedure as that given above. For example, the logarithm of 
.00316 is obtained as follows: 

.00316 = 3.16 X 10- 3 

logarithm of .00316 = logarithm of 3.16 + logarithm of 10 -3 
= .4996 + ( - 3) = .4996 - 3 = - 2.5004 

The logarithm of any number less than 1 is usually not 
expressed entirely as a negative number. For example the 
logarithm of .00316 usually would not be expressed as 
- 2.5004 but rather as .4996 — 3. The abbreviated form 
for this last expression is 3.4996 or 7.4996 - 10. The reason 
for adopting this usage is that in this form the mantissae 
are always added in the process of multiplication; only the 
characteristics have negative values. 

The characteristic of the logarithm of a number less than 
1 is equal in magnitude to one more than the number of 
zeros between the first significant figure and the decimal 
point, and has a negative value. Thus the characteristic 
of the logarithm of .0013 is — 3, and that of the logarithm 
of .00006 is - 5. The logarithm of .0013 is then .1139 - 3. 
(This would be equal to - 2.8861 but for convenience is 
§■ written as 3.1139 or usually 7.1139 — 10.) 

Logarithm 

8.2227 - 10 or 2.2227 
4.4771 - 10 or 6.4771 
9.8831 - 10 or 1.8831 


Examples: 

Number 

(a) .0167 

.000003 
. .764 
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(b) Divide 6309 by .0009 

Logarithm 6300 = 3.7993 or 13.7993 - 10 
Logarithm .0009 = 4.9542 or 6.9542 - 10 
Log of answer 6.8451 6.8451 

Answer is 7,010,000 or 7.01 X 10 6 . 

(c) Multiply .0016 by .0131 

Logarithm .0016 = 3.2041 or 7.2041 - 10 

Logarithm .0131 = 2.1173 or 8.1173 - 10 

Log answer = 5.3214 15.3214 — 20 (or 5.3214 — 10) 

Answer is .00002096 or 2.096 X 10“ 5 

To convert any number into an exponential number on 
the base 10, it is necessary to use logarithms. Thus, to 
convert the number 50 into an exponential number we first 
find the logarithm of 50, which is 1.6990. The logarithm 
then becomes the exponent of the number 10, 

50 = 10 1 - 6990 

The exponential number corresponding to .000005 or 5 X 10~ 6 
is lO- 5 - 3010 . The logarithm of (5 X 10- 6 ) = log 5 + log 10~ 6 
= 0.6990 - 6. So 5 x 10- 6 = lO- 6990 - 6 = lO- 5 - 3010 . 

The Evaluation of the Hydrogen Ion Concentration (pH 
values) . For convenience, the concentration of the hydrogen 
ion is often expressed in terms of pH values. The pH 
value for any solution is defined as the logarithm of the 
reciprocal of the concentration of the hydrogen ion, that is, 

pH = log (gyy ■ The calculation of the pH value of any 

solution for which the concentration of the H + ion is known 
is a simple operation if the text of the foregoing paragraph 
is understood. For example, let us find the pH of a solution, 
the hydrogen ion concentration of which is 5.3 X 10 -6 mole 
per liter. 

PH = l0g 5.3 X 1 lO- 6 = Io § 1 - ] °S ( 5 - 3 X 10 ~ 6 ) 

= - log (5.3 x 10- 6 ) = - log 5.3 - log 10- 6 
= - 0.72 (approximately) - ( - 6) = - 0.72 + 6 = 5.28 
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The pH value is 5.28 or approximately 5.3. Without regard 
for the thought processes or definitions involved, the pro- 
cedure is to find the logarithm of the concentration ; change 
the sign, and the result is the pH value. Example: Find 
the pH value of a solution the hydrogen ion concentration 
of which is 7 X 10~ 9 . 

log (7 x 10- 9 ) = log 7 + log 10- 9 = 0.85 - 9 = - 8.15. 

The pH value is accordingly 8.15. 

Conversely, the hydrogen ion concentration may be found 
by reversing the process. Example: Find the hydrogen ion 
concentration for a solution the pH value of which is 4.3. 

log concentration H+ ion = — 4.3 = 0.7 — 5 = 5.7 

= log 5 + log 10 -5 

(log of 5 is approximately 0.7) 

So the concentration of the hydrogen ion is 5 X 10~ 5 . 

Significant Figures and Precision Necessary in Solving 
Equations. If the population of a city were given as 576,334 
it is obvious that the last three figures have no meaning, for 
enough deaths and births took place during the making of 
the record to change these figures an unpredictable amount. 
It would, therefore, be quite as accurate — even more ac- 
curate — to say that the population of the city was 576,000. 
At a given time, only the first three figures would have any 
meaning and possibly the third figure would also be of no 
significance, depending upon the time and method of taking 
the census. In giving any information in terms of numerical 
values only as many significant figures should be used as 
the accuracy warrants. It would be incorrect to say that 
one’s weight is 126.3 pounds if it is known that the scale 
used was not accurate to more than a pound. Even though 
the scale registered 126.3 pounds it could not be relied upon 
to be accurate enough for this figure, so 126 pounds would 
give better information. Although the scale might be very 
accurate, the weight of the human body varies sufficiently 
during the day to make this accuracy of no significance. 
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In giving the concentration of a substance in solution, 
again as many significant figures should be used as the ex- 
perimental information justifies. Thus, if approximately 
200 ml. of 1 molar HC1 solution were mixed with approxi- 
mately 800 ml. of water, the concentration of the HC1 in 
the final solution would be expressed as 0.2 molar and not 
0.20 molar. The addition of the zero after 0.2 would indicate 
that the accuracy with which the concentration of the solu- 
tion was known was about .01 molar, that the solution was 
not 0.19 molar nor 0.21 molar, but nearer 0.20 molar. 
Obviously, the manner in which the solution was prepared 
does not justify this accuracy. To know what figures are 
to be regarded as significant is often too much to ask of 
students in the more elementary courses of chemistry. It 
involves a complete understanding of the methods employed 
in obtaining the data from an experiment. 

The precision employed in making any calculation should 
depend upon the expected accuracy of the result. For most 
problems in this course an accuracy of 10% in the answer 
is quite sufficient. In most cases the experimental conditions 
are such as to render any greater accuracy unnecessary. 
With this in mind, calculations and algebraic solutions can 
be greatly simplified. Example: Find the value of X in 
the following equation. (Only an accuracy within 10% is 
required.) 

X 


(3 -X) 


= .003 


By neglecting the X in the term (3 - X) and letting 3 - X 
be approximately equal to 3, we have 

j = .003 
X = .009 

We neglected X in the term (3 - X) because it could be seen 
by inspection that X was small as compared with 3. The X 
can only be neglected in a term in which it is added to or 
subtracted from some number which is much larger than 
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X itself. Further consideration of such solutions applied to 
specific examples is given in the main text of this book. 

The Solution of Quadratic Equations. All quadratic 
equations may be expressed in the following form : 

aX 2 + bX + e = 0, 

in which equation the coefficients a, b and c may have positive 
or negative values. Such an equation has two roots; some- 
times these roots are imaginary. However, equations con- 
structed from physical data always have real roots, and of 
these real roots only those having positive values are of 
any significance. 

The general solution of the above equation is given as 

v — b ± V& 2 — 4ac 
X ~ 2a 

The value of X may be obtained by merely substituting the 
numerical values of a, b and c into the above form. Example : 
Solve the equation 

X 2 + .01X - 4 x 10- 6 = 0 
(a = 1, b = .01 and c = - 4 X 10~ 6 ) 

01 ± V(.Ol) 2 + 16 X 10- 6 
2 

01 ± Vi. 16 X 10- 4 
2 

- .01 ± .01077 
2 

= - .010385 or + .000385 

If X in this problem represents some physical quantity such 
as the concentration of the hydrogen ion, only the positive 
value of X has a physical significance, and 

X = 3.85 X 10- 4 

The Slide Rule. The slide rule is an instrument consisting 
of two fitted pieces of wood each of which is ruled with lines 
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which are numbered; the divisions between the different 
numbers and zero are proportional to the logarithms of the 
numbers. By sliding one piece along the other, the sum of 
the logarithms of two numbers can be obtained. Since the 
process of adding the logarithms of two numbers is the same 
as multiplying the numbers by each other, the slide rule can 
be used for multiplication. It follows that the reverse 
operation of division can also be performed on the slide rule. 

Students are strongly urged to obtain a slide rule and use 
it in making the computations necessary in the course. The 
solutions of problems are enormously expedited by its use. 
The ordinary 10-inch slide rule has an accuracy of about one 
part in 500 which is sufficiently accurate for most work 
in chemistry. Complete directions for its operation accom- 
pany every slide rule. 

Proportion. The three statements, 

(1) A is proportional to B 

(2) A x B 

(3) A = constant x B, or A = KB, or ^ = K, 

are identical in meaning. The statements (2) and (3) are 
abbreviations of statement (1). In statement (3), K is 
known as the proportionality constant. If we write 

d = Ks 

where d is the distance covered in a given time and s is 
speed, we are saying that the distance covered in a given 
time is proportional to the speed. 

The rate of formation of hydrogen iodide from its ele- 
ments, hydrogen and iodine, is expressed by the following 
equation : 

rate = k X ( concentration of H 2 ) X ( concentration of I 2 ) 

This means that the rate of formation of hydrogen iodide is 
proportional to the product of the concentrations of the 
hydrogen and iodine. 
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PROBLEMS. MATHEMATICAL OPERATIONS 
1* Express the following numbers in the exponential form: 


(a) 

1,000,000 

(m) 

.01 

(b) 

400,000 

(n) 

.0032 

(c) 

50,000 

(o) 

.000007 

(d) 

9,000 

(P) 

.00107 

(e) 

600 

(q) 

.0000000009 

(f) 

70 

(r) 

.00000678 

(g) 

1,450,000 

(s) 

0.103 

(h) 

946,000 

(t) 

1.0 

(i) 

59,000 

(u) 

0.1 

(j) 

9,627 

(V) 

.00045 

(k) 

450 

(w) 

.000006 

(1) 

563,200 




2. Express the answers of the following in the exponential 
form: 

(a) Multiply 4.2 X 1G 3 4 by 3.0 X 10 4 

(b) Multiply 2.5 X 10“ 2 by 2.0 X 10 5 

(c) Multiply 6.06 X 10 23 by 1 X 10“ 6 

(d) Multiply 4.0 X 10" 4 by 7.0 X IQ" 3 * 

(e) Multiply .00005 by 10 

(f) Multiply .00025 by 400 

(g) Multiply .000007 by 1 X 10 10 

(h) Multiply 60 by 5,000,000 

(i) Multiply 2500 by .0025 

(j) Multiply .00003 by .006 

(k) Multiply 1 X 10 6 by .0005 

3. Express the answers of the following in the exponential 

form: 

(a) Divide 1 X 10 6 by 2 X 10 4 

(b) Divide 3 X 10 4 by 3 X 10 -3 

(c) Divide 4.2 X 10“ 3 by 1.3 X 10~ 4 

(d) Divide 4.5 X 10~ 6 by 1.5 X 10“ 5 

(e) Divide 9 X 10~ 20 by 2 X 10“ 15 

(f) Divide 4.2 X 10 6 by 210,000 

(g) Divide 2.5 X 10 5 by .00005 

(h) Divide 6.6 X 10" 7 by 1.1 X 10 5 
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(i) Divide 5.0 X 1G“ 6 by 2,500,000 
■ (j) Divide 4 X 10 -4 by .0008 
(k) Divide 64,000 by 2 X 10 5 
(!) Divide 2,500,000 by 5 X 10" 8 

(m) Divide .000034 by 1.7 X 10 s 

(n) Divide .00065 by 1.3 X 10~ 2 


4. Express the answers of the following operations in terms of 
the significant figures only: (The quantities represent experi- 
mental values.) 

(a) Add the quantities 1834.56, 50 and 0.765 

(b) Subtract 6.0 from 22.45 

(c) Subtract 6.00 from 22.45 

(d) Multiply 0.675 by (.02) 2 

(e) Solve for X in the following: X(6 — X) = .0006 


5. Find the logarithm of the following: 
(a) 2156.3 (e) 67.25 


(b) 340 

(c) 1.035 

(d) .0000067 


(f) 0.387 

(g) .004 

(h) 400 


6. Give the number (antilogarithm) corresponding to the fol- 
lowing logarithms: 

(a) 3.6745 (e) 6.4632 - 10 

(b) 2.4362 (f) 4.2697 

(c) .2875 (g) - 2.3628 

(d) 9.3476 - 10 (h) - 0.2756 


7. Solve the following expressions with the use of logarithms: 


(a) 7 = 350 x||x^ 


(b) N 

(c) M 


6.06 X 10 23 

1000 X 22.4 X 760 X 10~ 6 

22.4 X 10 3 X 2.456 
150 


. . (3.65) 2 X 24.5 X 10~ 4 X 376.2 

W 3.0 X 26.5 X 500 


Find V 

Find N 

Find M 


i 


i: 

h 

i'll 

'i l-\ 


'* 

'I 

* 

•A 



Find X 
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8. Solve the following expressions; use logarithms where de- 
sirable: 

(a) (2.54 X 10 6 ) 2 

(b) (3.6 X 10 - 4 ) 2 

(c) (1.2 X 10~ 3 ) 3 

(d) (6.56 X 10 2 ) 2 (3.5 X 10 4 ) 2 

(e) (9.2 X 10- 2 ) 2 (2.6 X 10 8 ) 2 

9. Extract the square root of the following; use logarithms 
where desirable: 


(a) 4 X 10 -6 

(b) (4 X 10- 6 ) 2 

(c) 3.6 X 10 9 

(d) 0.25 X IQ- 4 


(e) 25 X 10~ 5 

(f) 6.942 X 10 s 

(g) 24.53 X 10- 7 

(h) 1.44 X 10~ 14 


10. Solve the following equations for X : 

(a) X 2 + 4X + 7 = 0 

(b) X 2 + 0.15X = 2.53 

(c) X 2 + (1 X 10- 4 )X - 3.6 X 10- 6 = 0 

(d) X 2 + (1.8 X 10~ S )X - 1.8 X 10- 6 = 0 

11. Calculate the pH of solutions which contain the following 
concentration of the hydrogen ion respectively: 

(a) 1 X 10- 4 (d) 1 X 10- 7 

(b) 2 X 10- 12 (e) 2.56 X 10- 5 

(c) 3.5 X 10- 6 (f) 0.1345 

12. From the following pH values calculate the concentration 
of the hydrogen ion: 

(a) 7.0 (d) 6.87 

(b) 8.4 (e) 9.25 

(c) 5.3 (f) 2.46 

13. Express the following statements in the form of an equa- 
tion: 

(a) At constant temperature, the pressure of a gas varies in- 
versely with the volume. 

(b) At constant pressure, the volume of a gas varies directly 
with the absolute temperature. 

(c) At constant volume, the pressure of a gas varies directly 
with the absolute temperature. 
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(d) The speed of diffusion of a molecule in the gaseous condi- 
tion is inversely proportional to the square root of its mass. 

(e) The force of attraction between two bodies is directly pro- 
portional to the product of their masses and inversely 
proportional to the square of the distance between them. 






TABLE 37 

Ionization Constants of Weak Acids 

The equilibrium constants given in this and following tables 
appear in two forms. In the column to the right, the value of the 
constant is given in exponential form for convenience when used 
in calculations involving the half reactions of Table 14. Some of 
the data have been taken from the International Critical Tables; 
other data have been selected after a careful evaluation of the 
literature references. 


Acid 

Equilibrium 

Ionization Constant 
(at Room Tem- 
perature) 

Acetic 

CHsCOOH - H+ + CHsCOO- 

1.85 X 10“ 5 

Xo- 4.7 

Arsenic 

H s As0 4 - H + + H 2 AsOr 

4.5 X lO*” 3 

10-2-3 

Arsenous 

H 3 As0 3 - H+ + H 2 As0 3 - 

2.1 X 10"« 

lO' 7 * 7 

Benzoic 

CeHsCOOH - H+ -f C 6 H 6 COO" 

6.6 X 10~ 5 

10~4.2 

Boric 

H 3 B0 3 - H+ -f H 2 B0 3 - 

1.1 X 10-0 

10-9-0 

Carbonic 

H 3 C0 3 - H+ 4- HCO 3 - 

3.5 x 10- 7 

10" 6 - 6 

Bicarbonate ion 

HCO 3 - = H+ 4- CO«~ 

7 X lO" 11 

IO- 10.2 

Chloracetic 

CICHjCOOH - H + + CICHjCOO 

“ 1.4 X IQ" 5 

10-2.9 

Cyanic 

HCNO - H + + CNO“ 

2 X 10~ 4 

10-3-7 

Dichloracetic 

ChCHCOOH « h++ci 2 chcoo- 

5.5 X 10" 2 

10" 1 - 3 

Formic 

HCOOH - H+ + HCOO- 

2.1 X 10~ 4 

10" 3 - 7 

Hydrazoic 

HN 3 - H + + N 3 - 

1.9 x 10- 5 

10-4. 7 

Hydrocyanic 

HCN = H+ 4 - CN- 

2.1 X 10“ 9 

IO- 8. 7 

Hydrofluoric 

HF - H + 4- F“ 

6.9 X 10" 4 

lQ-3.2 

Hydrogen peroxide 

H 2 0 2 - H+ 4- HOr 

5 X lO" 12 

10~n.3 

Hydrogen selenide 

H 2 Se - H + 4- HSe- 

1.9 X 10" 4 

10" 3 - 7 

Hydrogen sulfide 

H 2 S - H+ 4- HS- 

9 X 10 -8 

10-7.0 

Bisulfide ion 

HS" - H + 4- S~ 

1.2 X IQ" 16 

lQ-14.9 

Hydrogen telluride 

H 2 Te - H + 4- HTe~ 

2.5 X 10“ 3 

10-2-6 

Nitrous 

hno 2 - H + 4 - NOr 

4.6 X lO" 4 

10-3-3 

o-Nitrobenzoic 

C 7 H 5 NO 4 = H + 4- C 7 H 4 NO 4 - 

6.1 X 10” 3 

10“2.2 

Oxalic 

H 2 C 2 0 4 - H + + HC 2 0 4 - 

3.8 X 10“* 


Monohydrogen oxalate 



ion 

HC 2 O 4 - « H+ 4- C 2 O 4 — 

5 X 10" 6 

10-4.3 

Phenol 

C 6 H s OH - H + 4* CeHsO- 

1.0 X lO" 10 

lO-w 

Phosphoric 

H 8 P0 4 - H+ + H 2 P0 4 - 

7.5 X 10“ 3 

lQ-2.1 
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Ionization Constant 

Acid 

Equilibrium 

(at Room Tern- 



perature) 

Dihydrogen 
phosphate ion 
Monohydrogen 

H 2 P0 4 " = h + + hpo 4 ~ 

6.3 X 10 -8 

10-7.2 

phosphate ion 

HPOr - « H + + PO 4 

3.6 X 10" 13 

10-12-5 

Phosphorous 

H 3 P0 3 = H+ + H 2 POr 

5.0 X 10 -2 

10 -1 - 3 

Dihydrogen 
phosphite ion 

H,POr = H + + HPOs 

2.0 x 10- 5 

10-4-7 

Propionic 

C 2 H 5 COOH = H+ + C 2 H 5 COO - 

1.4 X 10~ 5 

lQ-4.9 

Salicylic 

C 7 H 6 0 3 = H + + C 7 H 5 O 3 - 

1.1 X 10 -3 

10- 3 

Selenious 

H 2 Se0 3 = H+ + HSeOr 

3.5 X IQ- 3 

lQ-2.5 

Sulfurous 

H 2 S0 3 = H + + HSOr 

1.7 X 10 -2 

10-i.s 

Bisulfite ion 

HSOr = H + + S0 3 — 

5 X 10 -6 

lQ-5.3 

Tartaric 

C 4 H 4 0 6 H 2 - H + + C 4 H 4 0 6 H- 

1.1 X 10 -3 

10 -3 

Bitartrate ion 

c 4 h 4 o 6 h- = h+ + c 4 h 4 o 9 -- 

6.9 X 10~ 5 

lQ-4.2 

Telluric 

H 2 Te0 4 = H+4- HTe0 4 - 

6 X 10 -7 

IQ- 6 - 2 

Bitellurate ion 

HTe0 4 - == H + + Te0 4 

4 X 10 -11 

10-10.4 

Tellurous 

H 2 Te0 3 = H+ + HTeOr 

2 x 10- 3 

lQ-2.7 

Aluminum hydroxide 

Al(OH)s = H + + A10 2 - + H 2 0 

4 X 10 -13 

l 0 -i2.4 

Chromium hydroxide 

Cr(OH) 3 = H+ + Cr0 2 ~ + H 2 0 

1 X 10 -16 

IQ-16 

Lead hydroxide 

Pb(OH) 2 - H + + HPb0 2 - 

2 X 10 -16 

10-15.7 

Mercuric hydroxide 

Hg(OH) 2 = H+ + HHg0 2 - 

1 X 10" 15 

IQ-15 

Silver hydroxide 

AgOH - H+ + AgO - 

8 X 10 -13 

10-12.1 

Stannous hydroxide 

Sn(OH) 2 = H+ + HSn0 2 - 

6 X 10 -18 

10-17.2 

Zinc hydroxide 

Zn(OH) 2 = 2H + + Zn0 2 

1 X 10 -29 

IQ-29 
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Ionization Constant 

Base 

Equilibrium 

(at Room Tern- 



perature) 

Ammonium hydroxide NH 4 OH = NH 4 + + OH - 
Methyl ammonium 

1.8 X 10 -6 

10-4J 

hydroxide 

Dimethyl ammonium 

CH 3 NH 3 OH = CH 3 NH 3 + + OH - 

5 X 10" 4 

lQ-3.3 

hydroxide 

(CH 3 ) 2 NH 2 OH = (CHs) 2 NH 2 ++OH- 

7.4 x 10- 4 

10-3-1 

Trimethyl ammonium 



hydroxide 

Ethyl ammonium hy- 

(CH 3 ) 3 NHOH - (CH 3 ) 3 NH + +OH- 

- 7.4 X 10“ 5 

10 -4 - 1 

droxide 

C 2 H s NH 3 OH - C 2 H S NH 3 + + OH- 

- 5.6 X 1G -4 

lQ-3.3 

Phenyl ammonium 



hydroxide 

CeHsNHaOH = C 6 H 5 NH 3 + + OH' 

- 4.6 X 10 -lc 

» 10” 9 * 3 

Hydrazine hydroxide 

H 2 N * NH 3 OH « H 2 N • NH 3 + 4- OH 

" 3 X 10 -6 

. 10” 5 - 5 


1 
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Substance 

Equilibrium 

Solubility Product 
Constant 

Acetates 

Silver acetate 

CH 3 COOA g(5) = Ag + + CHaCOG 

- 4 x 10- 3 

10-2-4 

Bromates 

Silver bromate 

AgBr0 3 ( S ) = Ag + + BrOs~ 

6 X 10~ 5 

IO- 4.2 

Bromides 

Mercurous bromide 

Hg 2 Br 2 ( S ) = Hg 2 ++ + 2Br- 

4 X lO" 23 

10-22.4 

Silver bromide 

AgBr (s) = Ag + 4- Br~ 

7.7 X 10 ~ 13 

IO- 12.1 

Carbonates 

Barium carbonate 

BaC03(«) == Ba ++ 4~ CO 3 ~ 

8.1 X 10- 9 

10-8.1 

Calcium carbonate 

CaC0 3(s ) = Ca ++ + COa~ 

8.7 X 10 ~ 9 

10“ 81 

Lead carbonate 

PbC0 3(s) = Pb ++ -f C0 3 — 

4.0 X 10 

lQ-13.4 

Magnesium carbonate MgC0 3 ( S ) = Mg ++ 4* C0 3 

4.0 X 10 

10-4.4 

Silver carbonate 

Ag 2 C0 3 (s) = 2 Ag + -j- CO 3 

6.2 X 10 ~ 12 

lQ-11.2 

Strontium carbonate 

SrC0 3 ( S) - Sr ++ + C0 3 — 

1.6 X 10~ 9 

10-8.8 

Chlorides 

Mercurous chloride 

Hg 2 Cl 2(S ) - Hg 2 ++ + 2C1- 

1.5 X 10~ 18 

10-!7.8 

Silver chloride 

AgCl( e ) = Ag + + Cl- 

1.56 X 10 ~ 10 

10-9.8 

Chromates 

Barium chromate 

BaCrOdCs) = Ba ++ 4- Cr0 4 

2.4 X 10 " 10 

10 - 9.6 

Lead chromate 

PbCr0 4(s) = Pb ++ +' Cr0 4 

2.0 X 10 - 14 

10 —13.7 

Silver chromate 

Ag 2 Cr0 4 ( a ) = 2Ag + + Cr0 4 

9.0 X 10 ~ 12 

10 “ u 

Cyanides 

Silver cyanide 

AgCN (s) = Ag + + CN" 

2.2 X 10 ~ 12 

lQ-n-7 

Dichromates 

Silver dichromate 

Ag 2 Cr 2 07 ( S ) = 2Ag + -p Cr 2 07 

2.0 X 10 " 7 

i-* 

f 

0 

rH 

Fluorides 

Barium fluoride 

BaF 2 ( 8 ) = Ba ++ 4~ 2F 

1.7 X 10 ~ 6 

10-5.8 

Calcium fluoride 

CaF 2(s) = Ca ++ + 2F~ 

4.0 X 10-“ 

1Q-10.4 

Lead fluoride 

PbF 2 ( 5 ) = Pb ++ + 2F" 

3.7 X 1Q~ 8 

10-7.4 

Magnesium fluoride 

MgF 2(s) = Mg ++ + 2F- 

6.4 X 10 - 9 

1Q-8.2 

Strontium fluoride 

SrF 2(s) = Sr ++ 4- 2F" 

2.8 X 10-* 

10-8.6 

Hydroxides 

Aluminum hydroxide 

Al(OH), ( .) - Al +++ 4- 30H~ 

1 X 10 -» 

IO -33 

Cadmium hydroxide 

Cd(OH) 2 («) - Cd ++ 4- 20H- 

1.2 X lO” 14 

1Q-13.9 

Chromium hydroxide 

Cr(OH) 3(s ) = Cr +++ 4- 30H~ 

1 X IQ" 30 

IQ-30 
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Substance 

Equilibrium 

Solubility Product 
Constant 

Copper hydroxide 

Cu(OH) 2(s) = Cu++ + 20H- 

6 X 10 ~ 20 

lQ-19-2 

Ferric hydroxide 

Fe(OH) 3 <», = Fe +++ + 30H" 

1.5 X IQ" 36 

1Q-35-8 

Ferrous hydroxide 

Fe(OH) 2W = Fe ++ + 20H~ 

2 X 10 ” 14 

10 ” 13 - 7 

Lead hydroxide 

Pb(OH) 2<8) = Pb + + + 20H- 

2.5 X 10 ” 16 

1 0 -!5.C 

Magnesium hydroxide Mg(OH) 2(S ) = Mg ++ + 20H” 

1.5 X 10” 11 

10-10-8 

Manganese hydroxide 

Mn(OH) 2(s) = Mn ++ + 20H- 

4.5 X 10 ” 14 

10-13-3 

Mercuric hydroxide 

HgO( S) + H 2 0 = Hg++ + 20H- 

2 X 10- 22 

10 ” 21 - 7 

Nickel hydroxide 

Ni(OH) 2W = Ni ++ + 20H- 

2 X 10 ” 14 

10 -is- 7 

Silver hydroxide 

- 2 -Ag 2 0< 3) + 4H 2 0 = Ag + + OH- 

1.6 X 10 “ 8 

10 ~ 7 - 8 

Stannous hydroxide 

Sn(OH) 2W = Sn ++ + 20H~ 

5 X 10 ~ 26 

10-25-3 

Zinc hydroxide 

Zn(OH) 2(s) = Zn ++ + 20H~ 

5 X 10 ” 17 

10-!6.3 

lodates 




Barium iodate 

Ba(I0 3 ) 2(s) = Ba ++ + 2X0 3 ” 

6.5 X 10-“ 

lQ-9.2 

Calcium iodate 

Ca(IOs)2(s) ^ Ca ++ + 21 0 3 ” 

6.5 X 10 ” 7 

10-6-2 

Cupric iodate 

Cu(I0 3 )2(s) — Cu ++ + 2I0 3 ~ 

1.4 X 10” 7 

lQ-6.9 

Lead iodate 

Pb(I0 3 )j ( .) = Pb ++ + 2IO3- 

2.6 X 10-“ 

10-!2.6 

Silver iodate 

AgI0 3 ( S ) = Ag + + I0 3 ~ 

1.0 X 10 ” 8 

10 " S 

Iodides 




Lead iodide 

Pbl 2(s) = Pb ++ + 21” 

1.4 X 10 - s 

10-7.9 

Mercurous iodide 

Hg 2 I 2 ( S) = Hg 2 ++ + 21- 

4 X 10* 29 

1Q-28.4 

Silver iodide 

AgI (S ) = Ag + + 1” 

1.5 X 10-“ 

10-15.8 

Thallous iodide 

T1I (S) = T1+ + I” 

2.5 X 10 - s 

10 ~ 7 - 6 

Oxalates 




Barium oxalate 

BaC 2 0 4 ( S ) == Ba ++ + C 2 0 4 

1.5 X 10 " 7 

lQ-6.8 

Cadmium oxalate 

CdC 2 0 4 ( S ) = Cd ++ + C 2 0 4 — 

1.5 X 10~ 8 

10 ~ 7 - 8 

Calcium oxalate 

CaC 2 0 4 ( S) = Ca ++ + C 2 0 4 — 

2.6 X 10 ~ 9 

10 ~ 8 - 6 

Cupric oxalate 

CuC 2 0 4 ( S) = Cu ++ + C2O4 

2.9 X 10 ~ 8 

10 ~ 7 - 3 

Ferrous oxalate 

FeC 2 04 (s) = Fe ++ + C 2 0 4 — 

2.1 X IQ” 7 

10 ~ 6 - 7 

Lead oxalate 

PbC 2 0 4(s) = Pb ++ + c 2 o 4 — 

2.8 X 10" 11 

10-10.8 

Magnesium oxalate 

MgC 2 0 4 ( S ) — Mg ++ + C2O4 

8.8 X 10 ~ 5 

10-4.1 

Strontium oxalate 

SrC 2 0 4(S ) = Sr ++ + C 2 0 4 — 

5.8 X 10 ~ s 

10 ~ 7 -2 

Zinc oxalate 

ZnC 2 0 4 ( S ) = Zn ++ + C 2 0 4 

1.5 X 10~ 9 

10-8.8 

Sulfates 




Barium sulfate 

BaS0 4 ( S ) — Ba ++ + S0 4 

1.1 X 10” 10 

IO-10 

Calcium sulfate 

CaS0 4(S ) = Ca ++ + S0 4 ” 

6.1 X 10 ~ 5 

10-4.2 

Lead sulfate 

PbS0 4(s) » Pb ++ + S0 4 — 

1.1 X 10 ” s 

IQ-8 

Strontium sulfate 

SrS0 4 ( S ) = Sr ++ + S0 4 ” 

2.9 X 10 ” 7 

10-6.5 

Sulfides 




Cadmium sulfide 

CdS (s) = Cd ++ + S— 

1.0 X 10" K 

1 IQ-28 

Cobalt sulfide 

CoS( S) = Co ++ + S”" 

1.0 X 10” 27 10” 27 

Cupric sulfide 

CuS( S ) = Cu ++ + S~” 

3.5 X 10 ~ 35 

i 1Q-37.5 

Ferrous sulfide 

FeS( S ) = Fe ++ + S~” 

3.7 X 10 ~ 19 10~ 18 * 4 

Lead sulfide 

PbS (s) = Pb++ + S— 

7.0 X 10” 3( 

) 10 “29 .2 

Manganous sulfide 

MnS( S ) = Mn ++ + S”“ 

1.4 X 10” 15 10~ 14 - 9 



i id 
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Substance 

Equilibrium 

Solubility Product 
Constant 

Mercuric sulfide 

HgS ( s) = Hg ++ + S 

1 X 10 “ 50 10 “ 50 

Nickelous sulfide 

NiS( S) = Ni ++ + S— 

1.4 X 10 10 ~ 23 - 9 

Silver sulfide 

Ag2S( 5 ) = 2Ag + + S 

4 X 10 ~ 52 10 ~ 51 - 4 

Thallous sulfide 

TlsSo = 2T1 + + S— 

6.4 X IQ” 23 10 ~ 22 - 2 

Zinc sulfide 

ZnSw = Zn ++ + S— 

1.2 X IQ" 23 10 ~ 22 - 9 

Thiocyanates 
Silver thiocyanate 

AgCNSfs, = Ag+ + CNS- 

1.2 X 10 ~ 12 10 - 11 - 9 


TABLE 40 

Dissociation Constants of Complex Ions 


Equilibrium 

Dissociation Constant 

[Cd(NH 3 ) 4 ] ++ = Cd++ + 4NH 3 

1 X 10~ 7 

io- 7 

[Ag(NH 3 ) 2 ]+ = Ag+ + 2NH 3 

6.8 X 10~ 8 

10-7.2 

[Zn(NH 3 ) 4 ]++ = Zn++ + 4NH 3 

2.6 X 10- 10 

10-9.6 

[HgBr 4 ]— = Hg++ + 4Br~ 

2.2 X 10- 22 

10“ 21 * 7 

[HgCla]- = Hg++ + 3C1- 

6.0 X 10~ 17 

10“ 16,2 

[Cd(CN) 4 ] = Cd++ + 4CN- 

1.4 X 10~ 17 

10-16.9 

[Cu(CN)g] — = Cu+ + 3CN- 

5.0 X 10- 28 

10-27-3 

[Hg(CN) 4 ] = Hg++ + 4CN- 

4 X 10- 42 

10-41.4 

[Ag(CN) 2 ]~ = Ag+ + 2CN- 

8 X 10“ 23 

10-22.1 

[Hgl 4 ]~ = Hg++ + 41- 

5.0 X 10~ 32 

10-3L3 

[Hg(CNS) 4 ]— = Hg++ + 4CNS- 

1.0 x io- 22 

10-22 


ANSWERS TO PROBLEMS 


CHAPTER I 

(29) 1.37 M. 

(30) 0.1 mole. 

(31) 0.392 g. 

(32) .0565 M. 

(33) (a) 0.1 mole; (b) 0.1 M; (c) 0.2 M. 

(34) (a) 3.15 g.; (b) 245.2 g.; (c) 5.30 g.; (d) 0.204 g.; 

(e) 13.0 g. 

(35) (a) 1709 ml.; (b) 1176 ml.; (c) 368 ml.; (d) 310 ml.; 

(e) 40 ml. 

(36) (a) 20 ml.; (b) 475 ml.; (c) 54 ml.; (d) 140 ml.; 

(e) 0.4 ml. 

(37) 75 ml. 0.1 M AgNOa and 175 ml. water. 

(38) 75 ml. 

(39) 37.5 ml. 

(40) 10 ml. 

(41) 7.5 ml. 

(42) (a) 17.4 M; (b) 6.15 M; (c) 13.15 M; (d) 4.72 M. 

(43) 152 cm. 

(44) (a) 92.8%; (b) 86.6%; (c) 89.6%; (d) 90.7%. 

(45) 6.4 g. 

(46) Fe 2 03. 

(47) 478.4 g. 

(48) 6.6 g. 

(49) 1398 lbs. 

(50) 2 atoms; Cu 2 S. 

(51) Cr 2 0 3 . 

(52) 19.9. 


CHAPTER II 

(2) 256 times faster. 

(4) 16 times faster. 

(11) 105. 

489 
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(12) K = 0.4; (1) d = 3; (2) d = 1.5; (3) a = 1.5; 

(4) a = 6; (5) b = 8; (6) b = 16; (7) d = 24; (8) d = 96. 


(13) (1) 


(CN-)(H+) 

(HCN) 


(H+) 2 (S ) 

1 j (H 2 S) ’ 

... (CO)(H 2 Q) 

W (C0 2 )(H 2 ) 

(n\ (NH 3 ) 2 _ 

^ ; (N 2 )(H 2 ) 3 

(17) Absorbed. 

(18) More soluble. 


,«* (W)(OH-) R . 

KZ) (NH 4 OH) 
(Fe ++ ) 2 (Hg ++ ) 2 
W (Hg 2 ++)(Fe +++) 2 ’ 

M mfm = K . 
w (no 2 ) 2 


CHAPTER III 

(7) (a) 5; (b) 9; (c) 1; (d) 7.38; (e) 2.1. 

(8) (a) 1.36 X 10- 3 M; (b) 4.3 X 10~ 4 M; (c) 4.3 X 10~ 3 M; 

(d) 1 X 10- 5 M; (e) 1.93 X 10- 3 M; (f) 2 X 10~ 3 M; 

(g) 1.4 X 10 -*M; (h) 1 X 10" 2 M; (i) 2.9 X lO^M; 

(j) 5.5 X 10 _6 M. 

(9) (a) 4.2 X 10~ 3 M; (b) 1.3 X 10- S M; (c) 4.2 X 10“ 4 M; 

(d) 1.3 X 10- 4 AT; (e) 8.5 X 10" 4 M; (f) 2.2 X 1Q- S M; 


(f) 2.2 X 10- S M; 


(g) 1.2 X 10- 2 AT; (h) 7.5 X 10~ 3 M; (i) 9.6 X 10- 7 M. 


(c) 1.80 X 10- 5 ; 
(f) 2.1 X 10- 9 ; 


(10) (a) 1.85 X 10- 5 ; (b) 1.84 X 10~ s ; (c) 1.80 X 10~ 5 ; 

(d) 1.80 X 10- 5 ; (e) 4.5 X 10- 4 ; (f) 2.1 X 10~ 9 ; 

(g) 2.1 X 10- 9 . 

(11) 8 X 10 -4 M each. 

(12) (H+) = 2.5 X 10- 5 M; (Ac") = 2.4 X 10- 2 M. 

(13) (a) .068; (b) .00046; (c) .019; (d) .03; (e) .08. 

(14) .074 M. (15) .003 M. 

(16) 0.72 M. (17) 0.18 mole. 

(18) 8.5 X 10 ~ 6 M. (19) 1.2 X 10~ 5 M. 

(20) (a) 1 X 10- 5 ; (b) 3.2 X 10- 4 M; (c) .032; (d) 1 X 10 ~ 5 M. 

(21) .011 M. (22) .21 M. 

(23) 5.5 X 10-« M. (24) 1.9 X lO' 6 M. 

(25) 9 X 10-« M. (26) .02 M. 

(27) 2.6 X 10- 5 M. (28) 2.9 X IQ- 5 M. 
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= 0.185. 


(29) (a) 1; (b) 1.56; (c) 2.87; (d) 4.75. 

(30) Condition necessary for correct answer is that 

(Ac~) 

(HAc) 

(31) (a) one-half; (b) .05 M; (c) .05 M; (d) 1.8 X 10~ 5 M. 

(32) First addition of NaOH: (a) one-tenth; (b) .01 M; 

(c) .09 M; (d) 1.67 X 10~ 4 If; (e) 3.78. 


CHAPTER IV 


(3) 

(14) 


(15) 


(b) 7.7 X IQ- 13 ; 
(e) 9.0 X 10- 12 ; 


(c) 1.5 X 10~ 16 ; 
(f) 8.9 X 10- 9 ; 


1.25 X IQ- 7 M. 

(a) 1.56 X 10- 10 ; 

(d) 1.1 X 10- 10 ; 

(g) 3.6 X 10- 9 . 

(a) 9.0 X 10 -4 g. per 100 ml.; (b) 1.8 X 10“ 3 g. per 
100 ml.; (c) 4.35 X 10 -3 g. per 100 ml.; (d) 5.2 X 10 _9 g. 
per 100 ml.; (e) 0.106 g. per 100 ml.; (f) 9.9 X 10 -3 g. 
per 100 ml.; (g) 4.3 X 10 _5 g. per 100 ml. ; (h) 2.0 X 10~ 5 
g. per 100 ml. 

(16) 6.0 X 10~ 9 mole per liter. 1.9 X 10“ 7 g. per 200 ml. 

(17) 1.58 X 10 -4 g. per 100 ml. 

(18) (a) 0.363 g.; (b) 5.8 X IQ" 15 mole. 

(19) (a) 1.56 X 10 _9 mole; (b) 7.8 X 10- 10 mole. 

(20) (a) 7.7 X 10 -12 mole per liter; (b) 9.5 X 10 -6 mole per 
liter; (c) 1.5 X 10 -13 mole per liter. 

(21) (a) (Pb++) = 1.5 X 10- 3 M, (I~) = 3.0 X 10~ 3 M; 

(c) 1.4 X 10- 8 . 

(22) (a) 5.1 X 10- 5 M; (b) 6.5 X lO” 3 g. 

(23) 4.5 X 10 -s g. per 200 ml. 

(24) 1.26 X 10- 4 M. 

(25) 1.5 X 10- 4 g. 

(26) 1.56 X 10~ 6 . 

(27) 1 X 10- 3 M; 5 X lO" 6 M. 

(28) (a) 4.7 X 10~ 7 g.; (b) 6.75 X lO"* g. 

(29) (a) 1.56 X 10- 9 mole; (b) 1.25 X 10~ 5 mole; 

(c) 1.25 X 10 -6 mole; (d) 1.56 X 10 _9 mcle; 

(e) 8.5 X 10 -6 mole. 
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;31) (a) 1.5 X 10 -15 M ; (b) 1.56 X 10" 
(e) 9.6 X 10~ 5 %; (f) 1.04 X 10 6 
4.8 X 10- 8 M; (h) 1.04 X 10 6 . 

(32) (a) 1.5 X 10" 14 M; (b) 1.2 X 10~ 3 

(e) 7.9 X 10 10 ; (f) 1.67 X 10~ 

(h) 5.5 X 10 10 ; (i) = 7.9 

(Pb++)4 

(j) due to the fact that ^ + ^ 
constant. 

(33) 0.13 mole. (34) 0. 

(35) 4.6 g./50 ml. (36) 53 

(37) 22 moles per liter — impossible. 


CHAPTER V 

(8) 5 X 10- 5 M. No. 

(9) (S— ) - 1.2 X 10 ~ 15 M; (H+) = 6.7 X 10 ~ 6 M. 

(10) 6.3 X 10~ 4 M. 

(11) (a) 1.9 X 10- 4 M; (b) 5.9 X 10~ 5 M; (c) 3 X IQ- 5 M; 

(d) 6.6 X 10~* M; (e) 2.1 X 10~ 5 M; (f) 1.3 X 10" 4 M; 

(g) .016 M; (h) .024 M; (i) 4.6 X 10~ 2 M. 

(12) (a) 1.1 X 10"“ AT; (b) 1.1 X 10~ 17 M; (c) 1.1 X 10~ l9 M; 
(d) 1.1 X 10- 21 M] (e) 1.1 X 10- 23 M. 

(14) (a) 0.285 M; (b) 1.36 X 10 - 22 M; (c) yes; (d) no. 

(15) 8.3 X 10- 7 M. 

(16) 7.5 X 10- 9 mole. 

(17) (a) 4.4 X 10 _!6 M ; (b) 2.9 X 10- 26 M; (c) 1.6 X 10 20 M; 

(d) 4 X 10- 47 M; (e) 2.2 X 10~ 28 M. 

(18) 6.5 X 10 - s M. 

(19) 6 X 10- 18 M. 

(20) (a) 1.54 X 10- 2 M; (b) 1.54 X 10 ~ 2 M; (c) 6.3 X 10 -*M\ 
(d) 1.5 X 10- 18 M. 

(21) 7.6 X 10- 16 mole Cu++ per 200 ml.; 2.2 X lO” 6 mole Cd++ 
per 200 ml. 
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(22) 6 Hg ++ per 100 li. 

(23) (H+) = .096 M or about 0.1 M. 

(24) (H+) = 1.8 X 10 6 M; no. 

(25) (H+) = .01 M. 


CHAPTER VI 

(15) (a) 5.6 X 10- 10 ; (b) 5.4 X 10~ 10 ; (c) 2.0 X 10~ u ; 
(d) 1.5 X 10- 10 ; (e) 4.8 X 10~ 6 ; (f) 1 X lO" 4 ; 

(g) 2.2 X 10 ~ u ; (h) 4.8 X 10—“; (i) 1.4 X 10~“; 
(j) 7.1 X 10- 10 . 

(16) (a) 0.1 M solutions: 

(a) 7.5 X 10 -6 M ; (b) 1.4 X 10" 9 M; (c) 1.4 X 10' 
(d) 2.6 X 10~ 9 M ; (e) 1.4 X 10 - U M; (f) 3.2 X 10' 
(g) 6.7 X 10 -9 M ; (h) 4.6 X 10“ 9 M; (i) 1.2 X 10" 
(j) 1.2 X 10 _9 M. 

(b) .01 M solutions: 

(a) 2.4 X 10 -6 M ; (b) 4.3 X 10~ 9 i¥; (c) 4.5 X 10‘ 
(d) 8.1 X 10 - 9 M; ( e ) 4.5 X 10- n M; (f) 1.0 X 10' 
(g) 2.1 X 10- 8 M; (h) 1.4 X 10- 8 M; (i) 3.7 X 10 
(j) 3.8 X 10~ 9 M. 

(17) (a) 0.1 M solutions: 

(а) 5.13; (b) 8.86; (c) 5.86; (d) 8.59; (e) 10.86; (f) 
(g) 8.17; (h) 8.34; (i) 5.92; (j) 8.92. 

(б) .01 M solutions: 

(a) 5.62; (b) 8.37; (c) 6.35; (d) 8.09; (e) 10.35; (f) 
(g) 7.68; (h) 7.86; (i) 6.43; (j) 8.42. 

(18) (a) 0.1 M solutions: 

(a) 7.5 X 10- 5 ; (b) 7.4 X lO” 6 ; (c) 1.4 X 10~ 5 ; 
(d) 3.9 X 10- 5 ; (e) 6.9 X 10~ 3 ; (f) 3.2 X 10~ 2 ; 

(g) 1.5 X 10-®; (h) 2.2 X 10 -6 ; (i) 1.2 X 10~ 5 ; 

(j) 8.4 X 10- 5 . 

(h) .01 M solutions: 

(a) 2.4 X 10 -4 ; (b) 2.3 X 10" 4 ; (c) 4.5 X 10~ 5 ; 
(d) 1.2 X 10- 4 ; (e) 2.2 X 10~ 2 ; (f) 0.1; 


~ 7 M ; 
~ u M ; 
-7 M ; 


11.50; 


11 . 00 ; 




di tue pumping head in feet. It is a self-contained unit 



494 APPENDIX 

(g) 4.7 X 10- 5 ; (h) 6.9 X 10~ 5 ; (i) 3.7 X 10- 6 ; 

(j) 2.7 X IQ- 4 . 

(19) 15.2 g. (20) 9.6 g. 

(21) 0.38 mole. (22) 1.85 X 10~ 5 M. 

(23) 2.3 X 10~ 6 M. (24) 2.1 X 10~ 9 . 

(25) Impossible — 100 M. 

(26) (a) 1.4 X 10- 4 ; (b) 2.6 X 10 -12 M; (c) 3.8 X 10~ 2 . 

(27) 0.56 M. (28) FeS. 

(29) (a) 5.3 X 10~ 6 M ; (b) 1 X 10“ 7 M; (c) .018 M; 

(d) 4.3 X 10~ 9 ikf; (e) 2 X 10~ 13 M. 

(30) (C0 3 — ) = 1.4 X 10 -4 M ; (0H-) = 2 X 10 ~ e M. 

(31) MgCO s . 

(32) Neglecting hydrolysis: (a) 1 X 10 14 M ; (b) 2 X 10 19 M; 
(c) 2.6 X 10 ~ 15 M ; (d) 4.6 X 10~ 18 M; (e) 3.2 X 10- 14 M; 
With hydrolysis: (a) 9 X 10 _u M ; (b) 1.7 X 10 -15 M ; 
(c) 2.4 X 10 -11 M ; (d) 2.5 X 10 ~ 15 M; (e) 2.9 X 10- 10 Ilf. 

‘ 33 > - 1J »- 

(34) 1.6 X 10- 6 M. 

(35) ( ^ P p r V-T = ( a ) - 063 ; °- 63 ; 6 - 3 - 

(X12X U4 ) 


CHAPTER VII 

(11) AgCl precipitates. 

(12) Yes. (13) 2 X 10-“ M. 

(14) Ag(CN) 2 _ gives (Ag + ) = 2.7 X 10 -8 M; Ag(NH 3 ) 2 + 
gives (Ag + ) = 1.1 X 10 -s M. 

(15) No. (18) 9.5 X 10- 4 M. 

(16) No. (19) 2.5 X 10- 8 M. 

(17) 2.72 g. per 100 ml. (20) 3.6 X 10~ 4 M. 

(21) 1.8 X 10- 3 M. 

(22) (a) Cd(NH 3 ) 4 Cl 2 solution; (b) 92. 

(23) (Cu+) = 2.4 X 10- 22 M; (Cd++) = 1.3 X 10~ 9 M. 

(24) (a) Ag(CN) 2 ~ ion first formed; later AgCl precipitates; 
(b) .05 mole; (c) (Cl") = 0.1 M; (Ag+) = 1.56 X 10~ 9 Ikf; 
(CN-) = 5.1 X 10- S M. 
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CHAPTER VIII 

(14) .034 mole. 

(15) (Zn++) - 2.3 X 10- 6 M; (ZnO*~ ) = 2 X IQ" 12 M; 
(H+) = 2.2 X 10~ 9 M; (OH~) - 4.6 X 10~« M. 

(16) (Zn++) = 5 X 10 - 13 M; (Zn0 2 — ) = 1 X 10~ 6 M. 

. (17) (Pb++) = 2.5 X 10~ 14 M; (HPb0 2 ~) = 2.1 X 10~ 3 M; 

(H+) = 1 X 10~ 13 M. 

(18) No. 

(19) (OR-) = 2.5 X 10- 4 M. 


CHAPTER IX 

II. (1) 10 M - 2 ; (2) HP- 4 ; (3) lO" 54 - 4 ; (4) HP 6 ; (5) 10 126 ; 
(6) 10 51 ; (7) HP; (8) 10"; (9) 10~ 6 ; (10) 10°; (11) HP 16 - 5 ; 
(12) HP- 6 ; (13) 10 201 . 

III. N eq = 10 140 . 

IV. K e q = HP 2,4 ; should be dissolved somewhat. 

V. No: (Cr+++) 2 X (Cl 2 ) 3 = 10" 27 . 

VI. = HP 6 - 6 . 

VII. Aeq = HP. 


MATHEMATICAL OPERATIONS 

(1) (a) 10 8 ; (b) 4 X 10 6 ; (c) 5 X 10 4 ; (d) 9 X 10 s ; 

(e) 6 X 10 2 ; (f) 7 X 10 1 ; (g) 1.45 X 10 6 ; (h) 9.46 X 10 6 ; 

(i) 5.9 X 10 4 ; (j) 9.627 X 10 s ; (k) 4.5 X 10 2 ; 

(1) 5.632 X 10 5 ; (m) 10~ 2 ; (n) 3.2 X 10~ 3 ; (o) 7 X 10~ 6 ; 
(p) 1.07 X 10- 3 ; (q) 9 X 10- 10 ; (r) 6.78 X 10“ 6 ; 

(s) 1.03 X 10- 1 ; (u) 1 X 10- 1 ; (v) 4.5 X 10~ 4 ; 

(w) 6 X 10 -6 . 

(2) (a) 1.26 X 10 9 ; (b) 5 X 10 3 ; (c) 6.06 X 10 17 ; 

(d) 2.8 X 10-«; (e) 5 X lO" 4 ; (f) HP 1 ; (g) 7 X 10 4 ; 

(h) 3 X 10 8 ; (i) 6.25; (j) 1.8 X HP 7 ; (k) 5 X 10 2 . 

(3) (a) 5 X 10(50); (b) 10 7 ; (c) 3.2 X 10 = 32; (d) 3 X 10" 1 ; 

(e) 4.5 X 10- 5 ; (f) 2 X 10 = 20; (g) 5 X 10 9 ; 

(h) 6 X 10- 12 ; (i) 2 X 10~ 12 ; (j) 5 X HP 1 ; (k) 3.2 X HP 1 
(1) 5 X 10 13 ; (m) 2 X HP 8 ; (n) 5 X 10“ 2 . 
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(4) (a) 1885.; (b) 16.5; (c) 16.45; (d) 3 X 10" 4 ; (e) X = 10" 4 . 

(5) (a) 3.33372; (b) 2.5315; (c) .0149; (d) 6.826 (or - 5.174); 

(e) 1.8277; (f) 1.5877 (or - .4123); (g) 3.6 (or - 2.4); 
(h) 2.602. 

(6) (a) 4726; (b) 273.0; (c) 1.939; (d) .2226; (e) .0002905; 

(f) .0001861; (g) .004337; (h) .5302. 

(7) (a) V = 310; (b) N = 3.56 X 10 22 ; (c) M = 367; 

(d) X = 3.1 X 10 ~ 4 . 

(8) (a) 6.45 X 10 10 ; (b) 1.30 X 10~ 7 ; (c) 1.73 X lO" 9 ; 

(d) 5.3 X 10 14 ; (e) 5.7 X 10 14 . 

(9) (a) 2 X 10- 8 ; (b) 4 X 10~ 6 ; (c) 6 X 10 4 ; (d) 5 X 10~ 3 ; 

(e) 1.58X10- 2 ; (f) 83.32; (g) 1.578X10~ 8 ; (h) 1.20X10- 7 . 

(10) (a) (imaginary); (b) + 1.52, - 1.67; 

(c) 18.5 X 10- 4 , - 19.5 X 10- 4 ; (d) ± 1.34 X 10" 3 . 

(11) (a) 4; (b) 11.70; (c) 5.46; (d) 7; (e) 4.59; (f) .871. 

(12) (a) 10 ~ 7 ; (b) 4 X 10 ~ 9 ; (c) 5.0 X 10- 6 ; (d) 1.35 X 10“ 7 ; 
(e) 5.62 X 10-‘°; (f) 3.47 X 10- 8 . 

(13) (a) P - £ i (b) V - KT; (c) P - KT; (d) S - -fa, 

. . „ K{m x X m 2 ) 

(e) f = m 
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TABLE 41 

Physical Properties of Compounds of Ions of the 
Analytical Groups 

Sol. = soluble. Insol. = insoluble. SI. = slightly. Aik. = 
alkali. Ale. = alcohol. V. = very. Dec. = decomposes. (Some 
of the data of this table have been taken from the International 
Critical Tables; other data have been selected after a eareful 
evaluation of the literature references.) 


Formula 

Color and Form 

Solubility in 
H 2 0 (g. per 

100 g. H 2 0) 

General Solubility 

K 

Cubic silvery metal 

Reacts 

violently 

Sol. acids, ale., Hg 

K 2 0 

Cubic white-gray 

V. sol, forms 
KOH 

Sol. ale., ether 

K,0 ( 

Yellow leaflets 

V. sol., dec. 

Dec. in ale. 

KOH 

Rhombic white, 
deliquescent 

112 ( 20 °) 

V. sol. ale., ether; 
insol. NH 3 

KC 2 H 3 0 2 

Lustrous white 
powder, deliques- 
cent 

255(20°) 

Sol. ale.; insol. ether 

KSbOs 

White powder 

Insol. 

Sol. hot KOH; insol. 
ale. 

K 2 H 2 Sb 2 (V- 

Granular, white 

2.82(20°) 


4H 2 0 

crystalline powder 



K 3 ASO 4 

White needles, deli- 
quescent 

19 (cold) 

SI. sol. ale. 

K 3 As0 3 

White needles 

V. sol. 

Sol. ale. 

KBrOs 

Trigonal white 

7.1 (20°) 

SI. sol. ale.; insol. 
acetone 

KBr 

Cubic white 

64.5(20°) 

SI. sol. ale., ether; sol. 
glycerine 

K 2 CO 3 • 2H 2 0 

Rhombic white 

139(20°) 

Insol. ale., acetone 

khco 3 

Monoclinic white 

33(20°) 

Insol. ale. 

kcio 3 

Monoclinic white 

7.1 (20°) 

SI. sol. ale.; sol. alk. 

kcio 4 

Rhombic white 

1.68(20°) 

Insol. alk., ether 

KC1 

Cubic white 

34.4(20°) 

Sol. ale., alk., ether, 
glycerine 

KCIO 

Only in solution 

V. sol. 


K 2 Pta 6 

Cubic yellow 

0.74(25°) 

Insol. ale., ether 



Solubility in 

Formula Color and Form H 2 0 (g. per General Solubility 

100 g. H 2 0) 


K 2 Cr0 4 

Rhombic yellow 

62.5(20°) 

Insol. ale. 

& 2 Cr 2 0 7 

Monoclinic or tri- 
clinic red 

11.5(20°) 

Insol. ale. 

KCNO 

White, needles 

75(25°) 

Insol ale. 

KCN 

Cubic white, white 
granular, deliques- 
cent, very poisonous 

72(25°) 

Si. sol. ale., sol. gly 
cerine, CH 8 OH 

K 3 Fe(CN) 6 

Monoclinic red 

44(20°) 

Sol. acetone; insol. ale 

K 4 Fe(CN)6‘- 

3H 2 0 

Monoclinic yellow 

32(20°) 

Sol. acetone; insol. ale. 

nh 3 

KF*2H 2 0 

White monoclinic 
prisms, deliques- 
cent 

156(21°) 

Sol. HF; insol. ale. 

KIOs 

Monoclinic white 

8.1 (20°) 

Sol. KI; insol. ale. 
NHs 

KIO 4 

Tetragonal white 

0.66(13°) 

V. si. sol. KOH 

KI 

Cubic white or white 
granular 

143(20°) 

Sol. ale., NH 3 ; si. so] 
ether 

KI S 

Monoclinic dark 
blue, deliquescent 

V sol. 

Sol. ale., KI 

K 2 Mn0 4 

Rhombic green 

Dec. 

Sol. KOH 

KMn0 4 

Rhombic purple 

6.4(20°) 

Dec. by ale.; so 
H 2 S0 4 ; v. sol. CH 3 OF 
acetone 

KNOa 

Rhombic or trigonal 
white 

31.1 (20°) 

Insol. ale., ether 

KN0 2 

White prisms, deli- 
quescent 

302(20°) 

V. sol NH 3 ; si so 
ale. 

K 2 Fe(CN) 6 -NO- 

2H 2 0 

Monoclinic red 

100(16°) 

Sol. ale. 

k 2 c 2 o 4 °h 2 o 

Monoclinic white 

38(20°) 


k 3 po 4 

Rhombic white, 
deliquescent 

193(25°) 

Insol. ale. 

k 2 hpo 4 

Amorphous white, 
deliquescent 

V. sol. 

V. sol ale. 

kh 2 po 4 

Tetragonal color- 
less, deliquescent 

30(25°) 

Insol. ale. 

K 4 (P0 3 ) 4 * 2H 2 0 

Amorphous white 

SI. sol. 

Sol. ale. 

K 4 P 2 0 7 *3H 2 0 

White, deliquescent 

Sol. 

Insbl ale. 
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k 2 hpo 3 

White powder, deli- 
quescent 

V. sol. 

Insol. ale. 

KsSiOs 

Amorphous white 

Sol. 

Insol. ale. 

K 2 NaCo(NOj)o- 

Yellow crystals 

0.07(25°) 

Insol. ale. 

h 2 o 

k 2 so. 

Rhombic or hex- 
agonal white 

11.1(20°) 

Insol. ale., acetone, 
CS-> 

KHSO« 

Monoclinic or 
rhombic white 

36.3(0°) 

Insol. ale., acetone 

K 2 S 2 O 8 

Triclinic white 

5.3(20°) 

Insol. ale. 

KsS 

Yellow-brown, deli- 
quescent 

Sol. 

Sol. ale., glycerine; 
ether 

KA 

Red-yellow crystals 

Sol. 

Sol. ale. 

K 2 SO 3 • 2H 2 0 

Monoclinic yellow- 
ish-white 

131 (20°) 

SI. sol. ale.; insol. NH* 

KHSO 3 

White crystals 

Sol. 

Insol. ale. 

KNaCAO.- 

Rhombic colorless 

91 (20°) 

V. si. sol. ale. 

4H 2 0 

KCNS 

White prisms, deli- 
quescent 

215(20°) 

Sol. ale., acetone 

3K s S 2 0 3 -5H 2 0 

White rhombic 

181 (20°) 



Na 

Cubic silvery metal 

Reacts 

violently 

Reacts with ale. ; insol. 
CsHg, ether 

NasO 

Gray, deliquescent 

Sol., forms 
NaOH 

Sol. ale. 

Na 2 0 2 

Yellow powder 

Sol. 

Sol. dil. acids; insol. 
ale. 

NaOH 

White, deliquescent 

109(20°) 

Sol. ale. 

NaC 2 H 3 0 2 *3H 2 0 

Monoclinic white 

76(20°) 

SI. sol. ale. 

2NaSb0 3 • 7H 2 0 

Cubic white 

0.03(12°) 

SI. sol. ale., NH 4 salts; 
insol. HAc 

Na^SbA-H.O 

Tetragonal white 

SI. sol. 

SI. sol. ale. 

Na 3 As0 4 -12H 2 0 

Trigonal white 

23.7(14°) 

SI. sol. ale. 

Na 2 HAs0 3 

White 

V. sol 

SI. sol. ale. 

NaR0 2 

White hexagonal 
prisms 

Sol. 


Na a B 4 O7*10H 2 O 

Monoclinic white 

4.9(20°) 

Sol. glycerine; insol. 
acids 


Solubility in 

Formula Color and Form H 2 0(g. per General Solubility 

100 g. HaO) 
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Solubility in 

Formula Color and Form H 2 0 (g. per General Solubility 

100 g. HjO) 


NaBrOs 

Cubic white 

27.5(0°) 

Insol. ale. 

NaBr 

Cubic white 

90(20°) 

SI. sol. ale. 

Na 2 COs * H 2 0 

Rhombic white 

59(30°) 

Insol. ale., ether; sol 
glycerine 

KajCOs • IOH 2 O 

Monoclinic white 

60(20°) 

Insol. ale. 

NaHCOs 

Monoclinic white 

10.2(25°) 

Insol. ale. 

NaClOs 

Cubic or trigonal 
white 

97(20°) 

Sol. ale., glycerine 

NaCKVH 2 0 

Rhombohedral 
white s deliquescent 

209(15°) 

SoL ale. 

NaCl 

Cubic white 

35.8(20°) 

Sol. glycerine; si. sol-, 
ale.; insol. HC1 

NajPtCb • 6H 2 0 

Triclinic yellow-red 

66(16°) 

Sol. ale., chlorine 
■ water; insol. ether 

Na 2 CrO 4 * 10 H 2 O 

Monoclinic yellow, 
deliquescent 

130(15°) 

Si. sol. ale. 

Na*Cr 2 C>7* 233,0 

Monoclinic red, 
deliquescent 

206(20°) 

Insol. ale. 

NaCN 

Cubic white, deli- 
quescent 

Sol. 

SI. sol. ale. 

Na»Fe(CN)«*HaO 

Red deliquescent 

19(0°) 

Insol. ale. 

Na 4 Fe(CN)«- 

10H 2 0 

Monoclinic yellow 

33(25°) 

Insol. ale. 

NaF 

Tetragonal or cubic 
white 

4.2(25°) 

V. si. sol. ale. 

NaHS 

Rhombic white 

V. sol. 

SoL ale. 

NalOa 

Rhombic white 

8.7(20°) 

SoL HAc; insol. ale. 

Nal • 2H a O 

Monoclinic white 

223(20°) 


Na 2 MnO* • IOH 2 O 

Monoclinic green 

Sol. 


NaMn0 4 * 3 H 2 O 

Purple crystals, 
deliquescent 

V. sol. 

SoL NH 3 

NaNOs 

Trigonal white 

88(20°) 

SI. sol. ale., glycerine 

NaN0 2 

Rhombic white, 
hygroscopic 

83(20°) 

SI. sol. CH 3 OH; v. sol. 

nh 3 

Na 2 C 2 04 

White crystals 

3.2(15°) 


Na 3 P0 4 -12H 2 0 

Trigonal white 

26(20°) 

Insol. CS, 

Na 2 HP 04 - 12 H 2 0 

Rhombic or mono- 
clinic white, efflo- 

19.7(20°) 

Insol. ale. 
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Formula 

Color and Form 

Solubility in 
H 2 G (g. per 
100 g. H 2 0) 

General Solubility 

NaH2pC>4 * H 2 O 

Rhombic white 

98(20°) 

Insol. ale. 

NaPOs 

Amorphous white, 
hygroscopic 

SI. sol 

Sol. acids, alk. 

Na 4 P 2 0 7 • 10H 2 O 

Monoclinic white 

10.7(20°) 

Insol. ale., NH 3 

Na?HP0 3 • 0H5O 

Rhombic white, 
deliquescent 

Sol. 

Insol. ale. 

NfteSiOa 

Monoclinic white 

Sol. 

Insol. ale., Na and K 
salts 

NajSO« 

White crystals 

49(35°) 

Insol. ale. 

Na 2 SO4-10H 2 O 

Monoclinic white 

43(20°) 

Insol. ale. 

NaHS0 4 

Triclinic white 

50(0°) 

Insol. NHs 

Na 2 S • 9H 2 0 

Tetragonal white, 
deliquescent 

56(20°) 

Sol. ale. 

Na«S0 3 -7H 2 0 

Monoclinic white 

52(20°) 

Insol. ale. 

NaHSOs 

Monoclinic white 

Sol. 

Insol. ale., acetone 

NaCNS 

Rhombic white, 
deliquescent 

V. sol. 

V. sol. ale. 

NasSjOs • 5H 2 0 

Monoclinic white, 
efflorescent 

110(20°) 

Sol. NH 3 ; msol ale. 

NH 4 C 2 H 3 0 2 

White crystals, 
hygroscopic 

148(4°) 

Sol. ale. ; si. sol. acetone 

NH 4 SbOs • 2HaO 

White crystals 

Insol. 

Insol. ale. 

NH 4 H 2 As0 4 

Tetragonal white 

SI. sol. 


NH 4 Br0 3 

Hexagonal white 

V. sol. 

SL sol. ale. 

NH 4 Br 

Cubic white; 
slightly hygro- 
scopic 

76(20°) 

Sol. ale., acetone, ether, 

nh 3 

(NH 4 ) 2 C0 3 -H 2 G 

Cubic white 

74(15°) 

Insol. ale., CS2, NHg 

NH 4 HCO s 

Rhombic or mono- 
clinic white 

21 (20°) 

Insol. ale., acetone 

NH 4 C10s 

White monoclinic 
needles 

V. sol. 

SI. sol. ale. 

nh 4 cio 4 

Rhombic white 

23(20°) 

Sol. acetone; si. sol ale. 

nh 4 ci 

Cubic white 

37.3(20°) 

SI. sol. ale.; sol. NH* 

(NH 4 ) 2 PtCl 6 

Cubic yellow 

0.50(20°) 

Insol. ale., ether, cold 
HC1 

(NH 4 ) 2 Cr0 4 

Monoclinic yellow 

40(30°) 

SI. sol. NH a , acetone; 
insol. ale. 
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Formula 

Color and Form 

Solubility in 
H 2 0 (g. per 
100 g. H s O) 

General Solubility 

(NH 4 ) 2 Cr 2 0r 

Monoclinic orange 

35(20°) 

Sol. ale. ; insol. acetone 

NH 4 CNO 

White crystals 

Y. sol 

SL sol. ale.; insol. ether 

NH 4 CN 

Cubic white 

V. sol. 

V. sol. ale. 

(NH i ) 3 Fe(CN ) 6 

Red crystals 

V. sol. 


(NH 4 ) 4 Fe(CN) s 

Monoclinic yellow, 

Sol 

InsoL ale. 

NH 4 F 

turning blue in air 
Hexagonal white, 

V. sol 

Sol. ale.; insol. NH 5 

NH 4 HS 

deliquescent 

Rhombic white 

Sol 

InsoL ale., ether 

NH 4 I0 3 

Rhombic or mono- 

4.4(30°) 


NH 4 I 04 

clinic white 
Tetragonal white 

2.7(16°) 


NH 4 I 

Cubic white, hy- 

170(20°) 

Y. sol. ale., acetone, 

(NH 4 ) 3 Mo0 4 

groscopic 

White monoclinic 

Sol., dec. 

NH S ; si. sol. ether 
Sol. acids; insol. ale., 

nh 4 no 3 

prisms 

Rhombic white 

195(20°) 

NHs, S0 2 , acetone 
Sol. ale., CH 5 OH, ace- 

NH 4 N 02 

Yellowish-white 

V. sol. 

tone, nh 3 

Sol. ale.; insol. ether 

(NH4) 2 C 2 0 4 -H 2 0 

crystals 

Rhombic white 

5.1(20°) 

Insol. NH 3 

(NH 4 ) 2 HP04 

Monoclinic white 

59(20°) 

Insol. ale., acetone 

NH 4 H 2 P04 

Tetragonal white 

37(20°) 

Insol. acetone 

nh 4 h 2 po 3 

White monoclinic 

171 (0°) 

Insol. ale. 

(NH 4 ) 3 P0 4 - 

prisms 

Yellow powder 

SI. sol 

Sol. alk. ; insol. ale., 

I. 2 M 0 O 3 *3H 2 0 
(NH 4 ) 2 S0 4 

Rhombic white 

76(20°) 

HN0 3 

Insol. ale., NH 3 , ace- 

NH 4 HS0 4 

Rhombic white 

100 (cold) 

tone 

SL sol. ale.; insol. 

(NH 4 ) 2 S 

Yellow-white crys- 

Y. sol. 

acetone 

V. sol. NH 3 ; sol. ale. 

(NH 4 ) 2 S<VH 2 0 

tals, hygroscopic 
Monoclinic white 

32.4(0°) 

Sl. sol. ale.; insol. 

nh 4 hso 3 

White hexagonal 

267(0°) 

acetone 


prisms 

( NH 4 ) 3 SbS 4 • 4H 2 0 Yellow prisms 


137(20°) Insol. ale. 



Formula 


Color and Form 


Solubility in 
H 2 0(g. per 
100 g. H 2 0) 


General Solubility 


NHiCNS Monoclinic white, 162(20°) Sol. ale., NH 3 , acetone 

deliquescent 

(NH^&^Os Monoclinic white V. sol. SI. sol. acetone; insol. 

ale. 


Pb 

Cubic, silvery, blue- 
white soft metal 

Insol. 

Sol. 1:1 HNO*, hot 
cone. H 2 SO 4 

PbO 

Yellow tetragonal 

1.7X10^(20°) 

Sol. HN0 3 , alk., Pb 
acetate, NH 4 C1, 
CaCl 2 , SrCl 2 

Pb0 2 

Brown tetragonal 

Insol. 

Sol. dil. HC1, acetic 
acid, hot cone. H 2 SO 4 

Pb(OH) 2 

Pb(C*HsOs)a- 

3H 2 0 

White amorphous 
powder 

White monoclinic 
crystals 

1.6X10- 3 (20°) 

5.1(25°) 

Sol. acid, alk.; insol. 
HAc 

Pb(AfiOa) 8 
Pb(BrO s )a- HaO 

White powder 

White monoclinic 
crystals 

Insol. 

1.38(20°) ’ 

Sol. HN0 3 

PbBra 

White rhombic 
crystals 

0.84(20°) 

Sol acids, KBr; si. 
sol. NH 3 

PbC0 3 

White rhombic 

1 X 10“ 4 (20°) 

Sol. acids, alk. 

2PbC0 3 • Pb (OH)a White amorphous 
powder 

Pb(C10 3 ) 2 White monoclinic 

crystals 

Insol. 

151(18°) 

Sol. acids; si. sol. in 
aqueous C0 2 

PbCl 2 

White rhombic 
crystals 

1.08(25°) 

Sol. cone. HC1 

PbCr0 4 

Yellow monoclinic 

7X10^(20°) 

Sol. acids, alk.; insol. 
HAc, NH 3 liq. 

Pb(CN) 2 

Yellowish-white 

powder 

SI. sol. cold; 
sol. hot water 

Sol. KCN, acids 

Pb 3 [Fe(CN)e] 2 - 

6H 2 0 

Be d crystals 

SI. sol. cold; 
sol. hot 

Sol. HN0 3 , alk. 

PbaFe(CN)*- 

3H s O 

Yellowish-white 

powder 

Insol. 

SI. sol. H 0 SO 4 

PbF 2 

White 

6.4 X 10-8(20°) 

Sol. HN0 3 ; insol. HAc, 

nh 3 

Pb(IOs) 2 

White 

3.1X10-8(25°) 

SL sol. HNO s ; insol. 
NH 3 liq. 

Pbl 2 

Yellow powder 

6.4X10-8(20°) 

Sol. alk., KI; insol ale. 
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Solubility in 

Formula Color and Form HjO (g. per General Solubility 

100 g. H 2 0) 


Pb(N0 3 ) 2 Cubic or monoclinic 59.6(25°) Moderately sol. ale.; 

white crystals so ^* a ^-> 


2Pb0-N 2 0 s *H 2 0 Yellow 

Pb(N0 2 ) 2 -H 2 0 Yellow 

PbC 2 0 4 Heavy white 

powder 

Pb 3 (P0 4 ) 2 White powder 

PbS0 4 Monoclinic or 

rhombic white 

PbS Cubic black 

metallic 

PbSOs White 

PbS 2 Os White crystals 


Very sol. Sol. acids 

Very sol. 

1.6X10~ 4 (18°) Sol. HNO a ; insol. ale. 

1 .4 X 10~ 5 (20°) Sol. HNOs, alk. ; insol. 
HAc 

4.06 X 10~ 3 (25°) Si. sol. cone. H 2 S0 4 ; 

sol. NH 4 salts; insol. 
ale. 

Insol. Sol. acids; insol. KOH, 

ale. 

Insol. Sol. HNOs 

3X10^(15°) Dec. by acids; sol 
Na 2 S 2 0s 


Hg(C 2 H*0 2 ) 2 

Hg 2 (C 2 H 3 0 2 ) 2 

Hg 3 (As0 4 ) 2 

Hg 3 As0 4 

Hg 3 (As0 3 ) 2 

Hg(Br0 3 )2‘2H 2 0 

Hg 2 (Br0 3 ) 2 

HgBr 2 


Hg 2 C0 3 


Silvery liquid 
Rhombic yellow or 
red 

Brownish-black 

powder 

White scales or 
powder 

White micaceous 
scales 
Yellow 
Dark red 

Crystalline, white 

Crystalline, white 
Rhombic white 

Tetragonal whitish- 
yellow 

Y ellowish-brown 
Brownish-red 


Insol. 

5 X 10“ s (25°) 

7 X 10“ 4 (cold) 


25(10°) 

0 . 10 ( 21 °) 

Very si. sol. 
Insol. 

SI. sol. 

0.15 (cold) 

Dec. 

0.61 (25°) 
4X10" 6 (25°) 


Sol. HN0 3 ; insol HC1 
Sol. acids; insol. ale., 
ether 

Sol. H 2 S0 4 , HNOs, hot 
HAc; insol. dil. HC1, 
alk., NH 3 
Sol. ale. 

Sol. H 2 S0 4 , HNOs 

Sol. HC1, HN0 3 
Sol. HNOs; insol. HAc 
Dec. by KOH 
Sol. HN0 3 , HC1, 
Hg(NG 3 ) 2 
SI. sol. HN0 3 
Sol. ale., methyl ale.; 

v. si. sol. ether 
Sol acids; insol ale., 
acetone 

Sol HNOs, NH 4 C1; 
insol ale. 

Sol. aq. C0 2 , NH 4 C1 


APPENDIX 


PROPERTIES OF COMPOUNDS 


505 



“Teacl in feet. It is a self-contained 


Formula 

Color and Form 

Solubility in 
H 2 0 (g. per 
100 g. H 2 0) 

General Solubility 

HgNH 2 Cl 

White powder or 
small prisms 

Insol. 

Dec. by acids 

Hg ( 0103)2 

Needles, white 

25 (cold) 


Hg2(C10s)2 

Rhombic, white 

Sol. 

Sol. ale., HAc 

HgCI 2 

White rhombic or 
powder 

6.7 (20°) 

Sol. ale., ether, HAc, 
pyridine 

Hg2Cl 2 

Tetragonal white 

2.1X10-* (18°) 

Sol. Hg(N0 3 ) 2 , aq. reg. ; 
si. sol. hot HNO 3 , 
HC1; insol. ale., ether 

HgCr 04 

Rhombic red 

SI. sol., dec. 

Dec. by acid; sol. 
NH 4 CI; insol. acetone 

Hg 2 CrG 4 

Red needles or 
powder 

V. si. sol. 

Sol. HNO 3 , KCN 

Hg(CN ) 2 

White tetragonal or 
powder 

11.3(25') 

Moderately sol. ale.; 
sol. NH 3 ; insol.. ben- 
zene 


Hga[Fe(CN)el 

Hg 3 Fe(CN ) 6 


Very sol. 

Insol. 


Hg 2 Fe(CN ) 6 

Brown 

Insol. 

Insol. acids 

HgF s 

Cubic white 

Dec. 

Sol. dil. HNO,, HF 

Hg a F s 

Cubic yellow 

Dec. 


Hg(IOs ) 2 

White amorphous 
powder 

Insol. 

Sol. HC1, NH<Cl, 
NaCl, KI; insol. 
HN0 3 

Hg 5 (I03 ) 2 

Yellowish 

Insol. 

Sol. dil. HC1; insol. 
cold HN0 3 


Hgl 2 Tetragonal red or 6 X 10~ 3 (25°) 

rhombic yellow 
crystals or powder 

Hg 2 l 2 Tetragonal or amor- V. si. sol. 

phous yellow pow- 
der 

Hg(N0 3 ) 2 Whitish-yellow r V. sol. 

deliquescent pow- 
der 

Hg 2 (N 03 ) 2 * 2 H 2 0 Monoclinic white, Dec. 
efflorescent 

HgCiO* White Insol. 

Hg 2 C 2 0 4 White Insol. 


SI. sol. ale.; sol. ether, 
acetone, Na 2 S 2 03 , alk. 
salts 

Sol. KI, NH4OH; insol. 
ale., ether 

Sol. HNOs, NH 3 , ace- 
tone; insol. ale. 

Sol. dil. HN0 3 ; insol. 
NH 4 OH 

Sol. HC1; si. sol. HN0 3 
SI. sol. HN0 3 


506 


APPENDIX 



Formula 

Color and Form 

Solubility in 
H 2 0 (g. per 
100 g. H 2 0) 

General Solubility 

Hg 3 (POl); 

Yellowish-white 

powder 

Insol. 

Sol. acids, NH 4 Cl; 
insol. ale. 

Hg 3 P0 4 

White 

Insol. 

Sol. HNOa, aq. HgNOs; 
insol. H 3 PO< 

HgSOj 

White rhombic or 
powder 

Dec. 

Sol. acids, NaCI; insol. 
ale., acetone, NH 3 

Hg 2 SO* 

Monoclinic colorless, 
yellowish-white 
powder 

5.8X 10~ 2 (25°) 

Sol. h 2 so 4 , hno 3 

HgS 

Cubic black or 
amorphous black 
pow T der 

Insol. 

Sol. Na 2 S, aq. reg., alk. ; 
insol. HNOs, ale. 

Hg 2 S 

Black 

XnsoL 

Insol. acid, (NH 4 ) 2 S; 
sol. (NH 4 ) 2 Sx 

Hg(CNS)-; 

White powder 

7X10- 8 (25°) 

Sol. NH 4 salts, NH ;l , 
HC1, KCN; si. sol. 
ale., ether 

Ag 

Cubic white metal 

Insol. 

Sol. HN0 3 , hot H*S0 4 . 
KCN; insol. alk. 

Ag*>0 

Cubic brownish- 
black 

5.0X 10~ 3 (25°) 

Sol. acids, NH 4 OH, 
KCN 

AgC 2 H 5 0 2 

White plates 

1.12(25°) 


Ag 3 AsQ 4 

Cubic dark red 

8.5X10 _ 1 (20°) 

Sol. HAc, NH 4 OH 

AgsAsOs 

Yellow powder 

1. 15X10-’ (20°) 

Sol. HAc, NH 4 OH f 
HN0 3 ; insol. ale. 

AgBOs 

White 

9 X 10~ l (25°) 

Sol. acids 

Ag 2 B 4 0 7 * 2H 2 0 

White 

SL sol. 

Sol. acids 

AgBr0 3 

Tetragonal white 

l.gexio-nas 0 ) 

Sol. NH 4 OH; si sol. 

hno 3 

AgBr 

Cubic pale yellow 

7.9 X 10 -6 (20°) 

Sol. KCN, Na 2 S 2 G 3 ; 
si. sol. NH 4 OH; insol. 
ale. 

AgiCOu 

Yellow powder 

3.2 X 10 “ 3 (20°) 

Sol. NH 4 OH, NaS 2 0 3 ; 
insol. ale. 

AgGlOa 

Tetragonal white 

4.5 X 10~ l (20°) 

SL sol. ale. 

AgCl 

Cubic white 

1.87XlO-<(25°) 

Sol. NH4OH, Na 2 S 2 0 3 , 
KCN 

Ag 2 CrO* 

Monoclinic red 

1.4 X 10- 3 (0°) 

Sol acids, NH 4 OH, 
KCN 
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Formula 

Color and Form 

Solubility in 
H 2 0 (g. per 

100 g. H 2 0) 

General Solubility 

Ag 2 Cr 2 G7 

Triclinic red 

8.3X 10" 3 (15°) 

Sol acids, NH 4 OH, 
KCN 

Ag 2 (CN ) 2 

Hexagonal white 

2.2 X10 ” 5 (20°) 

Sol HNOs, NH 4 OH, 
KCN, Na 2 S 2 0 3 

Ag 3 Fe(CN)« 

Orange 

6.6 X10 ” 5 (20°) 

Sol NH 4 OH, hot 
(NH 4 ) 2 CO s ; insol 

acids 

Ag 4 Fe(CN) 6 -H 2 0 

Yellow 

Insol 

Sol. NH 4 OH, KCN; 
insol. acids 

AgF 

Cubic yellow, deli- 
quescent 

180(25°) 


AgX0 3 

Rhombic white 

5.1X10 _S (25°) 

Sol.NH 4 OH,HN0 3 ,KI 

Agl 

Hexagonal yellow 

3X10-' (21°) 

Sol. KCN, NaAO,; si 
sol NH 4 OH 

AgNOs 

Rhombic white 

240(25°) 

Sol ether, glycerine; 
si sol absolute ale. 

AgNOa 

Rhombic white 

4.2X10 _1 (25°) 

Sol HAc, NH 4 OH, 
HN0 3 ; insol. ale. 

Ag 2 C 2 0 4 

White crystals 

3.4X10 _3 (18°) 

Sol acids, NH 4 OH, 
KCN 

Ag 3 P0 4 

Cubic yellow 

6.5X10 _4 (19.5°) Sol. acids, NH 4 OH, 
KCN; insol. NH S 

Ag 2 S0 4 

Rhombic white 

7.9 X 10 - 1 (20°) 

Sol acids, NH 4 OH; 
insol. ale. 

Ag 2 S 

Cubic black or 
rhombic gray- 
black 

1.4X10 _S (20°) 

Sol. HNOs, KCN 

Ag 2 SO s 

White crystals 

V. si sol. 

Sol acids, NH 4 OH 3 
KCN; insol. HNOs 

AgCNS 

White crystals or 
curd 

1.29X10“ 5 (20°) Sol. NH 4 OH; insol 
acids 

AgJfcOl 

White 

SI sol 

Sol NH 4 OH, Na 2 S 2 0( 

As 4 

Hexagonal, silvery- 
grayish-black metal 
or amorphous black 

Insol 

Sol HNOs 

As 2 0 3 a 

Cubic or fibrous or 
monoclinic white 

2.13(25°) 

Sol. ale., alk., HC1 

As 2 0 3 

Amorphous or vit- 
reous white 

3.7(20°) 

Sol. alk., HQ 
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Formula 

Color and Form 

Solubility in 
H 2 0 (g. per 

100 g. H 2 0) 

General Solubility 

AS 2 O 5 

Amorphous white 

150(16°) 

Sol. ale., acids, alk. 

H 3 As0 4 • IH 2 O 

White translucent 
crystals; hygro- 
scopic 

16.7 (cold) 

Sol alk., ale., glycerine 

HAsOa 

White crystals 

Forms H 3 As0 4 


AsBr 3 

Yellowish-white 

prisms 

Hydrolyzes 

Sol. HQ, HBr, CSs 

AsCIs 

Colorless liquid 

Hydrolyzes 


AsClit 

Oily liquid 

Hydrolyzes 

Sol. HC1, HBr, PCI,., 
ale., ether 

AsFfi 

Colorless gas 

Sol. 

Sol. alk., ale., ether, 
benzene 

AsF 3 

Oily liquid 

Dec. 

Sol. ale., ether, ben- 
zene, NH 4 OH 

AsI 3 

Hexagonal red 

SI. sol., hy- 
drolyzes 

Sol. ale., ether, CHCI 3 , 
CS 2 

As 2 B 5 

Yellow 

Insol. 

Sol. alk., HNOs, alkali 
sulfides 

As 2 S s 

Monoclinic yellow* 
or red 

5X10~ 5 (18°) 

Sol. ale., alk., HN0 3 , 
alk. carbonates 

Sb 

Hexagonal silvery- 
white metal 

Insol. 

Sol. hot cone. H 2 SO 4 , 
aqua regia 

Sb 2 0 3 

Cubic or rhombic 
white 

V. si. sol. 

Sol. HC1, KOH, HAc, 
tartaric acid 

Sb 2 05 

Yellow pow r der 

Insol. 

Sol. HC1, acetone, NH 3 , 
CS 2 , CHC1 3 

H 3 Sb04 

White powder 

SI. sol. 

Sol. KOH 

HSbOa 

White powder 

SI. sol 

Sol. acids, KOH; insol. 
acetone 

H 4 Sb207 

White powder 

SI. sol. 

Sol. alk. 

H 3 Sb0 8 

White amorphous 

Insol. 

Insol. ale. 

HSb0 2 

White 

Insol. 

Insol. ale. 

SbBr 3 

Rhombic white 

Hydrolyzes 

Sol. HC1, HBr, CS* 
NH 3 , ale., acetone 

SbCl 3 

Rhombic white 

Hydrolyzes 

Sol. ale., HC1, tartaric 
acid, CS 2 

SbCls 

Liquid, colorless 

Hydrolyzes 

Sol HC1, tartaric acid 

SbF 3 

Octahedral grayish- 
white 

494(25°) 

Insol. NH 3 
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Formula 

Color and Form 

Solubility in 
H 2 0 (g. per 

100 g. HgO) 

General Solubility 

SbFs 

Oily colorless liquid 

Sol. 

Sol KF 

Sbls 

Trigonal; mono- 
clinic red; rhom- 
bic yellow 

Hydrolyzes 

Sol. HI, HQ, IQ, ale., 
acetone, CS 2 

Sble 

Brown liquid 

Hydrolyzes 


ShziSOi)* 

White powder, deli- 
quescent 

Insol. 

Sol. acids 

Sb 2 S 6 

Orange-yellow 

powder 

Insol. 

Sol alk., NH 4 HS, HQ; 
insol. ale. 

Sb 2 S 3 

Rhombic red 

1.8X10“ 4 (18°) 

Sol. alk., NH 4 HS, K 2 S, 
HQ; insol. HAc 

Sn 

Tetragonal or 
rhombic white, or 
cubic gray 

Insol. 

Sol. HQ, H 2 S0 4 , dil. 
HNO 3 , aqua regia, 
hot KOH, NaOH 

SnO 

Tetragonal (cubic) 
black 

Insol. 

Sol. acids, fixed alk. 
hydroxides; si. sol. 
NH 4 Q 

Sn0 2 

Tetragonal white 

Insol. 

Insol. aqueous acids; 
sol. cone. H 2 SO 4 

Sn(0H) 4 *xH 2 0 

White 

Insol. 

Sol. HN0 3 

Sn(OH) 2 

Amorphous yellow, 
reddish-yellow 
crystals 

2 X 10~ 4 (cold) 

Sol. acids, alk.; insol. 
NH 4 OH; sol. alk. 
carbonates 

HsSnOa 

Amorphous or col- 
loidal white ppt. 

Insol. 

Sol. KOH, NaOH; 
insol. acids 

Sn(C 2 H 3 0 2 ) 2 

Yellowish powder 

Decomposes 

Sol. acids 

SnBr 4 

White rhombic 

Sol., decom- 

Sol. acetone, AsBr 3 , 


pyramids, deli- 
quescent 

poses 

PCI* 

SnBr 2 

Rhombic pale yellow 

85.2(0°) 


SnCl 4 

Colorless liquid 

Very sol. 


SnQ 4 * SHsO 

White monoclinic 
crystals 

Very sol. 


SnCl 2 

Rhombic white 

232(25°) 

Sol. ale., ether, acetone, 
pyridine, methyl ace- 
tate 

SnCl 2 * 2H2O 

White monoclinic 

276(25°) 

Sol. ale., ether, ace- 
tone, glacial HAc 


gnOCl 5 


White 


Sol. 
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Formula 

Color and Form 

Solubility in 
H 2 0 (g. per 
100 g. H 2 0) 

General Solubility 

Sn(Cr0 4 ) 2 

Brownish-yellow 
crystalline powder 



SnCr0 4 

Brown 

SI. sol. 

Sol. HC1 

Sn£Fe(CN>.J 

White 

Insol. 

Sol. HC1 

SnFe(CN) 8 

Greenish-white gel 

Insol. 

Sol. hot HC1 

Sn 2 Fe(CN) 6 

SnF 4 

SnF 2 

White gel 

White crystalline 
mass, hygroscopic 
White monoclinic 
crystals 

Insol. 

V. sol. 

Sol. 

Sol. HC1 

Snl 4 

Cubic yellow 

Dec. 

Sol. CS 2 , ale., ether, 
CHCls, C 6 H 6 

Snla 

Sn(N0 3 ) 4 

Monoclinic yellow- 
ish-red 

Silky needles 

0.99(20°) 

Dec. 

Sol. KOH, HC1, HF, 
CS* 

Sn(N0 3 ) 2 -20HjO 

White leaflets 

Dec. 

Sol. HNOs 

SnO>0 4 

White crystals or 
heavy white powder 

Insol. 

Sol. HC1; si. sol 
NH 4 CI, (NH 4 ) 2 C>0 4 

Sn 3 (P0 4 ) 2 

White amorphous 
solid 

Insol. 

Sol. acids, alk. 

Sn(S0 4 ) 2 -2H 2 Q 

SnS0 4 

Hexagonal prisms, 
deliquescent 
White-yellowish 
crystalline powder 

V. sol. 

19(10°) 

Sol. ether, dil. H 2 S0 4 ; 
reacts with HC1 

vSnS2 

Hexagonal golden 
yellow 

0 

00 

r*H 

T 

O 

rt 

X 

CM 

Sol. alk. sulfides, aqua 
regia, PC1&, SnCl 2 , 
alk. hydrox. ; insob 
HC1, HN0 3 

SnS 

Rhombic gray- 
black 

2X10~ 6 (18°) 

Sol. HC1, alk., (NH 4 ) 2 S x 

Bi 

Hexagonal silvery- 
white or reddish 
metal 

Insol. 

Sol. HNQ 3 , hot H 2 S0 4 , 
aqua regia; si. sol. 
hot HC1 

Bi 2 Os 

Brown or dark red 

Insol. 

Sol. acids, KOH 

Bi 2 0 3 

Rhombic yellow or 
cubic gray-black 

Insol. 

Sol. acids 

Bi(OH) 3 

White amorphous 
powder 

Insol. 

Sol. acids; insol. or si. 
sol. cone. alk. 
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Formula 

Color and Form 

Solubility in 
H 2 0 (g. per 

100 g. H 2 0) 

General Solubility 

BiBr 3 ' 

Yellow crystalline Dec. 
powder, deliques- 
cent 

Sol. HC1, HBr, ether; 
insol. ale. 

BiOBr 

White crystals or 
powder 

Insol. 

Sol. acids; insol. ale. 

BiCl3 

White crystals, deli- 
quescent 

Dec. 

Sol. acids, ale., ether, 
acetone 

BiOCl 

White crystals or 
powder 

Insol. 

Sol. acids; insol. ace- 
tone, tartaric acid, 

nh 3 

BI 2 O 3 * CO 2 * H 2 O 

White powder 

Insol. 

Sol. acids 

Bi 2 (Cr0 4 ) 3 

Orange-red 

8X1G" 5 

Sol. acids 

BiF 3 

White 

Insol. 

Sol. acids 

BiOF 

White crystals or 
powder 

Insol. 

Sol acids 

Bi(IO„)» 

White 

Insol. 

SI. sol., HN0 3 ; sol. HI, 
KI, abs. ale. 

Bils 

Hexagonal reddish- 
or brownish-gray, 
black 

Insol. 

Sol HC1, HI, KI, abs. 
ale. 

BiOI 

Rhombic red 
crystals 

Insol. 

Sol. acids; insol. ale., 
CHCI 3 , KI 

Bi(N0 3 ) 3 -5H 2 0 

Triclinic white, si. 
hygroscopic 

Dec. 

Very sol. HNO 3 ; sol. 
acids, acetone 

Bi0N0 3 -H 2 0 

Hexagonal plates or 
white powder 

Insol. 

Sol. acids; insol. ale. 

Bl2(C204)3 

White 

Insol. 

Sol. acids 

BiP0 4 

Monoclinic white 

Insol. 

Sol. HC1; insol. dil. 
HNOa, ale. 

Bi*(S0 4 ) 3 

White needles 

Dec. 

Sol. acids 

B 12 S 3 

Rhombic brownish- 
black 

1.8X10- 6 (18°) 

Sol. HN0 3 ; insol. dil. 
acids 

Co 

Cubic reddish metal Insol. 

Sol. HNO 3 , hot H 2 SO 4 ; 
v. si. sol. HC1, 
NH 4 OH 

CuO 

Cubic or triclinic 
black 

Insol. 

Sol. acids, NH 4 CI, 
KCN 

Cu 2 0 

Cubic red 

Insol. 

Sol. HC1, NH 4 CI, 
NH 4 OH; si. sol 
HN0 3 ; insol. ale. 
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Solubility in 

Formula Color and Form H 2 0 (g. per General Solubility 

100 g. H 2 0) 


Cu ( 011)2 

Bine gel or amor- 
phous blue powder 

CuOH 

Yellow 

On ( C 2 H 3 O 2 ) 2 ■ H«0 

Dark green pow T der 

CiPiCAsOJs -4H20 

Bluish-green 

Cu(As 3 02) 2 

Green 

CuCBrOs)* *6H>>0 

Cubic bluish-green 

CuBr 2 

Monoclinic black, 
deliquescent 

Ou2Br 2 

Cubic, tetrahedral 
white 

Cu 2 COs 

Yellow 

CuO0 3 -Cu(0H) 2 

Monoclinic dark 
green 

Cu(Cia)2*6H20 

Cubic green, deli- 
quescent 

CuCl 2 • 2H 8 0 

Rhombic green, 
deliquescent 

CU 2 CI 2 

Cubic white 

CuOrOi 

Brown 

Cu 2 Cr 2 0 7 -2H 2 0 

Black crystals, 
deliquescent 

Cu(CN)* 

Yellowish-green 

powder 

Cu 2 (CN) 2 

Monoclinic white 

Cu 3 [Fe(CM) s ] 2 

Yellowish-green 

Cu 3 Fe(CN) s 

Brownish-red 

Cu 2 Fe (CN)g • TH 2 0 

Reddish-brown 

Cu 4 Fe(CN) s 

Brownish-red 

CuF 2 • 2H 2 0 

Monoclinic blue 


Cu 2 F 2 


Insol. 

Sol. acids, ale., 

NH4OH, KCN 

Insol. 

Sol. acids, NH 4 OH 

7.2(15°) 

Sol. ale., ether 

Insol. 

Sol. acids, NH 4 OH 

SI sol. 

Sol. acids 

V. sol. 

Sol. NH4OH 

V. sol 

Sol. ale., acetone, NH«; 
insol. C 6 H 6 

V. si. sol. 

Sol. HBr, HC 1 , HN 0 3j 
NH 4OH; insol. ace- 
tone 

Insol. 

Sol. acids, NH 4 OH 

Insol. 

Sol. acids, NH4OH, 
KCN; insol. ale. 

240(20°) 

Sol, ale., acetone 

97(25°) 

Sol ale., ether, NH4Q 

1.2X10“ 2 (20°) 

Sol. HC 1 , NH4OH 

Insol. 

Sol. acids 

V. sol. 

Sol. acids, ale., NH 4 OH 

Insol. 

Sol. acids, alk., KCN, 
C5H5N 

Insol. 

Sol HC 1 , NH4OH, 
KCN; si. sol. NH 3 

Insol. 

Sol. NH4OH; insol 
HQ 

Insol. 

Sol NH4OH; insol 
HC 1 

Insol. 

Sol NH4OH; insol. 
acids, NH 3 

Insol. 

Sol NH4OH; insol. 
NH4CI 

SI. sol. 

Insol. 

Sol ale., HQ, HF, 
HN 0 3 ; insol ace- 
tone, NH S 

Sol HQ, HF, HNOs,* 
insol ale. 


Red crystals 


Insol. 
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Formula 

Color and Form 

Solubility in 
H 2 0 (g. per 

100 g. H 2 0) 

General Solubility 

Cu(IO,VH s Q 

Triclinic blue 

0.33(15°) 

Sol. NH4OH, dll 
H 2 S 0 4 ; insol. ale., dil. 

hno 3 

CU2I2 

Cubic white 

8X10~ 4 (18°) 

Sol. KI, KCN, NH 4 OH; 
insol. acids, ale. 

Cu(N 0 3 )2 * SHsO 

Blue, deliquescent 

197(30°) 

Sol. ale. 

Cu(N0 3 ) 2 *6H 2 0 

Blue crystals 

233(25°) 

Sol. ale. 

C11C2O4 * iH 2 0 

Bluish-white 

2.4X 10“ 3 (25°) 

Sol. NH 4 OH; insol 
HAc 

Cu 3 (P 0 4 ) 2 - 3 H 20 

Rhombic blue 

Insol 

Sol. acids, NH 4 OH, 
H 3 P0 4 ; insol. NH S 

CuS0 4 

Greenish-white, 

rhombic 

22.6(25°) 

Insol. ale. 

C 11 SO 4 • 5H*0 

Triclinic blue 

35.3(25°) 

Insol. ale. 

CU2SO4 

Gray powder 

Dec. 

Sol. HNOs 

CuS 

Hexagonal or mono- 
clinic black 

Insol. 

Sol. HNOs, KCN, hot 
cone. HC1, H 2 S0 4 ; 
insol ale., alk. 

Cu 2 S 

Rhombic black 

5X10~ 4 (18°) 

Sol HN0 3 , NH 4 OH; 
insol. acetone 

CU2SO3 * HsO 

Hexagonal red or 
white 

Si. sol. 

Sol. NH 4 OH, HOI; 
insol. ale., ether 

Cu(SCN)« 

Black 

Dec. 

Sol NH 4 OH, acids 

Cu 2 (SCN ) 2 

White 

5 X 1Q ~ 5 (20°) 

Sol NH 4 OH, cone, 
acids, ether; insol ale. 

Cd 

Hexagonal silvery- 
white metal 

■ Insol. 

Sol acids, NH 4 N0 3 , 
hot H 2 SO 4 

CdO 

Amorphous brown 

Insol. 

Sol acids, NH 4 salts; 
insol alk. 

Cd(OH ) 2 

Trigonal or amor- 
phous white 

2.6 X 10 ” 4 (25°) 

1 Sol acids, NH 4 salts; 
insol alk. 

Cd(C 2 H 3 0 2 ) 2 -H 2 0 White needles 

43.6(0°) 

SI. sol. ale. 

Cd(Br 0 3 ) 2 *H 2 0 

Rhombic white 

125(17°) 

Insol ale. 

CdBr 2 *4H 2 0 

Small white needles, 129 ( 20 °) 
efflorescent 

Sol ale., HC1 

CdCOs 

Trigonal white 

Insol. 

Sol acids, KCN, NEU 
salts; insol NH 3 
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Formula 

Color and Form 

Solubility in 
H 2 0 (g. per 
100 g. H 2 0) 

General Solubility 

Cd(C10 3 ) 2 *2H 2 0 

White prisms, deli- 
quescent 

500(20°) 

Sol acids, acetone, ale. 

CdCl 2 * 2 JH 2 0 

Cubic white 

142(20°) 

Si. sol ale.; insol. 
acetone, ether 

CdCrG* 

Yellow 

Insol. 

Sol. acids 

Cd(CN ) 2 

White crystals 

1.7(15°) 

Sol. acids, KCN, 
NH 4 OH 

Cd 2 Fe(CN)« 


Insol. 

Sol. HCI 

CdF 2 

Cubic white 

4.4(25°) 

Sol. acids. HF; insoi. 
ale., NH 3 

Cd(I0 3 ) 2 -H 2 0 

Monoclinic, small 
crystals 

SI. sol. 

Sol HN0 3 , NH 4 OH 

Cdl 2 

Hexagonal 

brownish 

86.3(25°) 

Sol acids, ether, ale., 
NH 4 OH; si sol NH 3 , 
acetone 

Cd(N0 3 ) 2 *4H 2 0 

Prismatic white 
needles, hygro- 
scopic 

168(20°) 

Sol. ale., NH 3 ; insoi. 
HNO s 

Cd(N0 2 ) 2 -H 2 0 

White 

V. sol. 


CdC 2 0 4 • 3H 2 0 

White 

3.4X10 " 3 (0°) 

Sol acids, NH4OH; 
insoi alk. 

Cd 8 (P0 4 ) 2 

Amorphous white 

Insol 

Sol acids, NH 4 salts 

CdS0 4 

Rhombic white 

77(25°) 

Insol ale., acetone, 
NH S 

CdS 

Hexagonal yellow- 
orange 

Insol. 

Sol NH 4 OH, acids 

CdS0 3 

White crystals 

SI. sol 

Sol acids, NH 4 OH; 
insol ale. 

CdS 2 0 3 • 2 H 2 0 

White 

Sol 

Sol. acids 

Co 

Cubic silvery-gray 
metal 

Insol 

Sol. acids 

Co 2 0 3 

Grayish-black 

powder 

Insol. 

Sol acids; insoi. ale. 

CoO 

Cubic grayish- 
brown 

Insol. 

Sol. acids, NH 4 OH; 
insoi ale. 

Co(OH) s 

Brownish-black 

powder 

Insol 

Sol acids; insol ale. 

Co(OH ) 2 

Rhombic rose-red 

Insol. 

Sol. acids, NH 4 salts; 
insol. alk. 
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Formula 

Color and Form 

Solubility in 
H 2 0(g, per 
100 g. H 2 0) 

General Solubility 

Co(C 2 H 3 0 2 ) 2 - 

4H 4 0 

Monoclinic reddish- 
violet, deliques- 
cent 

Sol. 

Sol acids, ale. 

Co(BrOj)s -6H 2 0 

Octagonal red 

45.5(17°) 

Sol. NH 4 OH 

CoBr 2 

Green crystals, deli- 
quescent 

199(60°) 

Sol ale., ether 

C 0 CO 3 

Trigonal red 

Insol. 

Sol. acids; insol. NH 3 

Co(C10 3 )..-6H.O 

Cubic red, deli- 
quescent 

268(20°) 

Sol. ale. 

C 0 CI 3 

Ruby-red crystals 

Sol. 

Sol ale. 

C0C12 

Blue crystals 

51 (20°) 

Sol ale. 

C 0 CI 2 • 6H.0 

Monoclinic red 

94(20°) 

Sol. ale., acetone 

CoCr0 4 

Yellowish-h rown 
powder 

Insol 

Sol. acids, NH 4 OH 

Co(CN) 2 • 2H.0 

Buff 

Insol. 

Sol. KCN, HCl, 
NH 4 OH 

Cos[Fe(CN)o] 2 

Red 

Insol. 

Sol. NH 4 OH ; insol HCI 

O^e(CNy7Ha0 

Gray-green 

Insol. 

Sol KCN; insol HCl 

CoF 2 • 4H a O 

Monoclinic rose-red 

Sol. 

Sol HF 

CoF 3 

Green powder 

Dec. 


Co(IO ,)2 

Blue-violet needles 

0.46(20°) 

Sol. HCl, HNG 3 

Cols 

Brownish-red, deli- 
quescent 

319(40°) 

Very sol. ale., acetone 

Co(NO s )2*6H 2 0 

Monoclinic red, del- 
iquescent 

161 (20°) 

Sol ale., acetone; si 
sol NH.) 

C 0 C 2 O 4 

Reddish-white 

Insol. 

Sol. acids, NH 4 OH 

Co,(PO0s 

Reddisii 

Insol 

Sol H 3 PO 4 , NH 4 OH 

Co 2 (S0 4 ) 3 

Black crystalline 
powder 

Sol, dec. 

Sol H 2 S0 4 

C 0 SO .1 

Red powder 

36(20°) 

Insol. NHs 

C 02 S 3 

Black crystals 

Insol. 

Sol acids 

CoS 

Hexagonal black 

Insol. 

Sol acids, ale. 

C 0 SO 3 * 5H 2 0 

Red 

Insol. 

Sol. H 2 S0 3 

Co(SCN) 2 *4H 2 0 

Dark blue crystals, 
hygroscopic 

Sol. 


Ni 

Cubic silvery metal 

Insol 

Sol. dil. HNO3,' si. sol 
HCl, H2SO4 
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Formula 

Color and Form 

Solubility in 
H 2 0 (g. per 
100 g. H 2 0 ) 

General Solubility 

NiO 

Cubic greenish- 
black 

Insol. 

Sol. acids, NBuOH 

Ni(OH) s 

Black amorphous 
powder 

Insol. 

Sol. acids, NH 4 OH, 
NH 4 CI 

Ni(OH ) 2 

Green amorphous 
or crystals 

1.3X10”* 

(cold) 

Sol. acids, NH 4 OH 

4Ni(0H) 2 -H 2 0 

Light green powder 

Insol. 

Sol. acids, NBUOH; 
insol. alk. 

Ni(C 2 H 3 0 2 ) 2 

Green prisms 

16.6 (cold) 

Insol. ale. 

Ni(Br0 3 ) 2 -6H 2 0 

Monoclinic green 

28 (cold) 


NiBr 2 

Y ellowish-brown, 
deliquescent 

133(20°) 

Sol. ale., ether, NH 4 OH 

NiCOa 

Rhombic light green 9.3X10 3 (25°) 

Sol. acids 

Ni(C10 3 ) 2 -6H 2 0 

Dark red 

198(20°) 


NiCl 2 

Yellow scales, deli- 
quescent 

60(20°) 

Sol. ale., NH 4 OH; insol. 
NH 3 

NiCls • 6H 2 0 

Monoclinic green, 
deliquescent 

109(20°) 

Very sol. ale. 

Ni(CN) 2 -4H 2 0 

Light green plates Insol. 
or powder 

Sol. KCN, NH 4 OH, 
alk.; si. sol. dil. acids 

Ni*Fe(CN).- 

11H 2 0 

Greenish-white 

Insol. 

Sol. NH 4 OH, KCN; 
insol. HC1 

NiF 2 

Quadrilateral green 

0.02 (cold) 

Insol. acids, ale., ether, 

nh 3 

Nil 2 

Black, deliquescent 

147(20°) 

Sol. ale. 

Ni(N0a) 2 *6H 2 0 

Monoclinic green, 
deliquescent 

153(20°) 

Sol. ale., NH 4 OH 

NiC 204 - 2 H 2 0 

Light green powder 

Insol. 

Sol. acids, NH 4 salts 

Ni 3 (P0 4 ) 2 -7H 2 0 

Green powder 

Insol. 

Sol. acids, NH 4 salts 

NiS0 4 

Cubic yellow 

37(20°) 

Insol. ale., ether, ace- 
tone 

NiS0 4 * 7H 2 0 

Rhombic green 

67(20°) 

Sol. ale. 

NiS 

Trigonal or amor- 
phous black 

Insol. 

Sol. HNO 3 , KHS, aqua 
regia; si. sol. acids 

NiS0 3 -6H 2 0 

Tetrahedral green 

Insol. 

Sol. HC1, H 2 SO 4 

Mn 

Cubic or tetragonal Reacts slowly 
gray-pink metal 

Sol. dil. acids 

MnO 

Cubic green 

Insol. 

Sol. acids, NH 4 C1 
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Formula 

Color and Form 

Solubility in 
H 2 0 (g. per 
100 g. H 2 0) 

General Solubility 

Mn0 2 

Rhombic black or 

Insol. 

Sol. HC1; insol. HNOa, 


brownish black 

powder 


acetone 

Mn(OH) 2 . 

Trigonal white-pink 

2X10~ 4 (18°) 

Sol. acids, NH 4 salts; 




insol. aik. 

Mn^HsOj)* — 
4H2O 

Monoclinie pale red 

Sol. 

Sol. ale. 

MnBr 2 

Rose-red 

142 (20°) 

Insol. NH S 

MnBr 2 *4H 2 0 

Monoclinie rose- 

189 (20°) 



red, deliquescent 



MnCOs 

Trigonal rose-pink 

6.5X10-3(25°) 

Sol. dil. acids; insol. 


or amorphous 
light brown pow- 
der 


NH 3 , ale. 

MnCl 2 

Cubic pink, deli- 

75(20°) 

Sol. ale.; insol. ether, 


quescent 


nh 3 

MnCl 2 • 4H 2 0 

Monoclinie rose, 

117(20°) 



deliquescent 



Mn a Fe(CN)e- 

Greenish-white 

Insol. 

Sol. HC1; insol NH 4 

7H 2 0 

powder 


salts 

MnF 2 

Red quadrilateral Insol. 

Sol. acids; insol. ale., 


prisms or reddish 
powder 


ether 

MnF 3 

Red crystals 

Dec. 

Sol. acids 

Mnl 2 

Yellowish-brown 

Sol., dec. 



crystalline mass, 
deliquescent 



Mnl 2 • 4H 2 0 

Monoclinie rose-red, 

Sol. 



deliquescent 



Mn(N0 3 ) 2 -6H 2 0 

Monoclinie rose- 

252(25°) 

V. sol. ale. 


white 



MnC 2 0 4 • 2-|H 2 0 

White 

0.03 (25°) 

Sol. dil. acids 

Mn 3 (P04) 2 *- 

White-pink 

V. si. sol. 

Sol. acids; insol. ale. 


7H 2 0 amorphous powder 

Mn2(S04)3 Green crystals, deli- Dec. Sol. HC1, dil. HgSO*; 

quescent insol. cone. H2SO4, 

HN0 3 


MnS0 4 * 4H 2 0 Monoclinie or 95(20°) Sol. ale.; insol. ether 

rhombic pink, 
efflorescent 
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Formula 

Color and Form 

Solubility in 
H 2 0 (g. per 
100 g, H 2 0) 

General Solubility 

MnS 

Cubic green or 
amorphous pink 

^XIO-HIS 0 ) 

Sol. dil. acids, ale.; 
insol. (NH 4 ) 2 S 

Mn(SCN) 2 *3H 2 0 

Deliquescent 

Sol 

V. sol. ale. 

A1 

Cubic silvery-white 
metal 

InsoL 

Sol. alk., HC1, H.SO,; 
insol. HNO 3 , HAc 

Al a - Oa 

Hexagonal or tri- 
gonal white 

Insol. 

V. si. sol. acids, alk 

A1(0H ) 3 

Monoclinic or amor- 
phous gelatinous 
white ppt. 

L5X10- 4 (20 o ) 

Sol. acids, alk.; insol. 
ale. 

A1 2 0(C 2 H 3 0 2 ) 4 - 
4H 2 0 

White amorphous 
powder 

InsoL 

Sol. acids; insol. NH* 
salts 

Al(BrOs)s • 9HoO 

White crystals, hy- 
groscopic 

Sol 

SI. sol. acids 

AlBr s 

Trigonal white 
plates 

Dissolves 
with violence 

Sol. ale., CS 2 , acetone 

A1Biv6H 2 0 

White-yellowish 
needles, deliques- 
cent 

Sol. 

Sol. ale., CS 2 , amyl 
ale. 

AlBr 3 * 15H 2 0 

White needles 

Sol. 

Sol. ale. 

A1(C10 3 ) • 6H 2 0 

Rhombohedral 
white, deliquescent 

V. sol. 

Sol. dil. HC1 

AlCla 

Hexagonal white, 
very deliquescent 

70(15°); dis- 
solves with 
violence 

Sol. CCL, ether, ale.; 
insol. C 6 H 6 

AICI 3 * 6 H 2 O 

Trigonal white, 
deliquescent 

Sol. 

Sol. ether, ale. 

Al 4 [Fe(CN) 6 ] 3 - 

17H 2 0 

Brown powder 

SI. sol. 

Sol. dil. acids 

aif 3 

Triclinic white 

Sol. 

Insol. acids, ale., alk. ; 
acetone 

AID • 6 H 2 O 

White-yellow 

crystals 

V. sol. 

Sol. ale., CS 2 

A1(N0 S ) 3 -9H 2 0 

Rhombic white, 
deliquescent 

113(25°) 

Sol. ale., alk., acetone, 

cs 2 , hno 3 

A1 2 (C 2 0 4 )3-4H ;5 0 

White powder 

Insol. 

Sol. acids; insol. ale. 

AIPO 4 

Rhombic plates 

Insol. 

Sol. acids, alk.; insoL 
ale. 


H 
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Formula 

Color and Form 

Solubility in 
H 2 0 (g. per 
100 g. H 2 0) 

General Solubility 

A1K(S0 4 )s- 

12 H 20 

Cubic or monoclinic 
white 

10.8(20°) 

Sol. dil. acids; InsoL 
ale. 

A1 2 (S0 4 ) 3 

White powder 

36(20°) 

Sol. dil. acids; si. sol. 
ale. 

Al s (S0 4 ) a -9H,0 

Monoclinic white 

53(20°) 

Sol acids, alk. 

A1 2 (S0 4 ) 3 • 18H«0 

Monoclinic white 

70.6(20°) 

InsoL ale. 

A1 2 S 3 

Hexagonal yellow 

Dec. 

Sol. acids; insol. ace- 
tone 

Cr 

Cubic steel gray, 
very hard metal 

Insol. 

Sol. HC1, dil. HoSCb; 
insol. HNO 3 

Cr 2 03 

Hexagonal green 

Insol. 

Insol. acids, ale., alk. 

CrO 

Black 

Insol. 

Insol. dil. HNOa 

Cr0 3 

Rhombic red, deli- 
quescent 

168(20°) 

Sol. ether, ale., H 2 SO* 

Cr(OH)s 

Blue-gray green 
gelatinous or violet 
amorphous 

InsoL 

Sol. acids, alk.; si. sol. 
NH 4 OH 

Cr(OH) s * 2H 2 0 

Green 

Insol. 

Sol. acids, alk., 
NaHSOs 

Cr(OH ) 2 

Y ello wish-brown 

Dec. 

Sol. acids 

Cr(C 2 HaO a ) 8 - 

h 2 o 

Gray-green powder 
or bluish-green 
pasty mass 

Sol. 

Insol. ale. 

CrBrg 

Hexagonal olive- 
green 

( 1 ) 200 (cold) 

(2) InsoL 
(insol. mod- 
ification) 

V. sol. ale.; dec. by 
alk. 

CrBr 3 • 6 H 2 O 

Hexagonal green 
plates, deliques- 
cent 

200 (cold) 

Y. sol. ale.; sol. fused 
Na 2 0 2 ; insol. ether 

CrCOs 

Amorphous gray- 
black 

V. si sol 

Insol. ether, ale.; sol. 
mineral acids 

CrCl 3 

( 1 ) Insol. violet 

plates 

( 2 ) Sol. deliques- 

cent crystals 

Insol. 

233(25)° 

Insol. acids, CS 2 , ace- 
tone, ale. 

CrCl 3 - 10 H 2 O 

Green crystalline 
powder 

V. sol 

V. sol. ale. 



__ fie necosSPf ua 

per cent of the pumping head in feet. It is a self 
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Formula 

Color and Form 

Solubility in 
H 2 0 (g. per 
100 g. H 2 0) 

General Solubility 

CrCl 2 

White needles, deli- 
quescent 

V. sol. 

SI sol. ale.; insol 
ether 

CrF 3 

Rhombic green 

Insol. 

SI sol acids; insol 
ale., NH 3 

CrF 3 -4H 2 0 

Cubic octahedral 
green 

Sol. 

Sol acids; insol ale., 
NH S 

CrFa 

Crl 2 

Green crystals 

SI. sol 

V. sol 

Sol hot HC1; insol 
ale. 

Cr(N0 3 )s -7|H 2 0 Monoclinic purple 

Sol 


Cr(N0 3 ) 3 *9H 2 0 

Monoclinic purple 

Sol 

Sol acids, ale., alk., 
acetone 

CrC 2 04 -H 3 0 

Yellow crystalline 
powder 

Sol (hot) 


CrP0 4 *3H 2 0 

Violet crystals 

SI sol 

Sol acids, alk.; insol 
HAc 

CrP0 4 • 4H 2 0 

Green crystals 

SI sol 

Sol acids 

CrP0 4 * 6H 2 0 

Triclinic violet 

SI sol 

Sol. acids, alk.; insol 
HAc 

CrK(S0 4 )j- 

Cubic octahedral 

43.9(25°) 

Sol dil. acids; insol 

12H 2 0 

red or green 


ale. 

Cr 2 (S0 4 ) 3 

Violet or red powder 

Insol and sol 

Insol. acids; sol. ale. 

Cr 2 (S0 4 ) 3 * 5H 2 0 

Green amorphous 

Sol 

V. sol ale.; sol. H 2 SG 4 

Cr 2 (S0 4 ) 3 -15H 2 0 

Dark green amor- 
phous scales 

Sol 

Insol ale. 

Cr 2 (S0 4 ) 3 *18H 2 0 

Cubic octahedral, 
blue-violet 

120 (20°) 

Sol ale. 

CrS0 4 * 7H 2 0 

Blue 

12.3(0°) 

SI sol. ale. 

Cr 2 S 3 

Brownish-black 

powder 

Insol., dec. 

Sol HN0 3 ; dec. by 
ale. 

CrS 

Black powder 

Insol 

V. sol. acids 

Fe 

Cubic silvery metal 

Insol 

Sol. acids; insol alk., 
ale., ether 

Fe 2 0 3 

Hexagonal red- 
brown to black 

Insol 

Sol HQ 


FeO 


Black 


Insol. 


Sol. acids; insol. alk., 
ale. 
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Solubility in 


Formula 

Color and Form 

B 2 0(g. per 
100 g. H 2 0) 

General Solubility 

FeA 

Cubic black or red- 

Insol. 

SI. sol acids; insol. 

dish-brown powder 


ale., ether 

Fe(OH) 3 

Red-brown 

Insol 

Sol. acids; insol. ale., 



ether 

Fe(OH) 2 

Hexagonal pale 

6.7 X10" 4 

Sol. acids, NH 4 C1; 

green or white 
amorphous 

(cold) 

insol alk. 


Fe(C 2 H 3 0 2 ) 2 -4H 2 0 

Needles 

V. sol 


FeOH (C 2 H 3 0 2 )2 

Brown-red powder 

Insol. 

Sol acids, ale. 

Fe(NH. t ) 2 ©0 4 )i- 

Monoclinic green 

26.9(20°) 

Insol ale. 

6H 2 0 




FeBr 3 

Dark red-brown 

Sol. 

Sol. ale., ether; si. 


deliquescent 


sol NH 3 

FeBr 2 

Hexagonal 

112(20°) 

Sol. ale. 


greenish-yellow 



FeCOa 

Trigonal gray 

6.7X10-’ (25°) 

Sol aq. C0 2 , acids 

FeCOa-HjO 

Amorphous white 

SI. sol. 

Sol. acids, aq. C0 2 

FeCla 

Hexagonal black- 

92(20°) 

Sol ale., ether, acetone 


brown 



FeCL 

Hexagonal green to 66 (20°) 

Sol ale., acetone; insol. 


yellow, deliques- 


ether 


cent 



FeCl» • 4H 2 0 

Monoclinic blue- 

103(20°) 

Sol. ale. 


green, deliquescent 


Fe2(Cr207)3 

Red-brown granular Sol. 

Sol. acids 

Fe 3 [Fe(CN ) 6 ]2 

Deep blue 

Insol 

Insol. ale., dil acids 

Fe 4 CFe(CN) 6 ]3 

Dark blue crystals 

Insol. 

Sol HC1, H 2 S0 4 ; insol. 
ale., ether 

Fe 2 Fe(CN) 6 

Amorphous blue- 

Insol. 



white 



FeF 3 

Rhombic green 

SI sol 

Sol acids; insol ale., 


ether 

FeFs * 4|H 2 0 

Yellow crystals 

SI. sol 

Insol ale. 

FeF 2 *8H 2 0 

Green-blue 

SI. sol. 

Sol. acids, HF; insol. 



ale., ether 

Fel 2 

Hexagonal gray 

Sol 


Fel 2 • 4H 2 0 

Gray-black crys- V. sol. 

Sol ale., ether 


tals, deliquescent 






■ : 
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M 0 I 

Formula 

Color and Form 

Solubility in 
H 2 0 (g. per 

General Solubility 


i | ii sv 



100 g. H 2 0) 



HHK , 
wfflEfflHfflKHHfflBmh . ' ■ 

Fe(N0 3 ) s *6H 2 0 

Cubic yellowish- 

Sol. 

| 


' 

MMMiv; ‘. 


white 





Fe(N0 3 ) 3 -9H 2 0 

Monoclinic white to 

Sol. 

Sol. ale., acetone; si. j 




pale violet, deli- 
quescent 


sol. HN0 3 i 



Fe(N0 3 ) 2 *6H 2 0 

Rhombic green 

134(20°) 




Fe 2 (C 2 0 4 )3 

Amorphous yei- 

V. sol. 

Sol. acids; insoi. ale. 


rV:< ^ 


lowish-white 




MiHiBa r 

FeC 2 0 4 -2H 2 0 

Rhombic pale 

0.022 (cold) 

Sol. acids 


\. - 'M ' 


yellow 




•>m illlli * 

!■■■■.; j 

FeP0 4 • 2H 2 0 

Yellowish-white 

V. si. sol. 

Sol. HC1, H 2 S0 4 


^ — * 


amorphous 




Fe 3 (P0 4 ) 2 *8H 2 0 

Monoclinic blue- 

Insoi. 

Sol. acids; insol. HAc 

v .hBI^h 

WWf : , - 


white 



1111 i 

Fe 2 (S0 4 ) 3 

Rhombic yellow 

SI. sol. 

Insoi. H 2 S0 4 , NH 3 



Fe 2 (S0 4 ) 8 -9H 2 0 

Rhombic, deli- 

V. sol. 

Sol. ale. 


T* ■- , ,>■&■» , 


quescent 





FeS0 4 *7H 2 0 

Monoclinic blue- 
- green 

48.4(20°) 

Insoi. ale. 


h ' ,'i$£ |P 

Fe 2 S3 

Yellow or green 

V. si. sol., dec. 

Dec. by acids 



FeS 

Hexagonal brown- 

6.2X10“* (18°) 

Sol. acids; insoi. NH S 


'1 SR^ 1 1 j, 

^MBaWMSBi k kF 


black 




FeS0 3 * 2f H 2 0 

Green 

V. si. sol 

Sol. H2SO3; insol. ale.. 

| , i; , ( ," 

FeS 2 

Yellow 

Insol. 

Sol. HN0 3 ; insoi dil 

,\'* 1 ' A 1 ^ 




acids 


Fe(SCN) 3 -3H 2 0 

Cubic red-black, 

Sol. 

Sol. ale., ether 



deliquescent 




j; ■ 

Fe(SCN) 2 -3H 2 0 

Rhombic green 

V. sol. 

Sol. ale., ether, acetone 


J »I1 

FeS 2 0 3 • 5H 2 G 

Green crystals, deli- 

Y. sol. 

V. sol. ale. 




quescent 





Zn 

Hexagonal bluish- 

Insol. 

Sol. acids, alk., HAc 


ftj® ifll|g -,V > 


white metal 




>$?•&; ||jj|| 

ZnO 

White or yellowish 

1.6X10“* (29°) 

Sol. mineral acids, diL 


■ - ■’ - / 111' 


amorphous powder 


HAc, NH 4 OH 

j 

1 liBBi 

Zn0 2 

Yellowish-white 

2 X 10“ 3 (cold) 

Dec. by acids 


■ 


powder 




Zn(OH) 2 

Rhombic white 

4.2X10“* (18°) 

Sol. acids, alk. 


■ 

Zn (C 2 H 3 0 2 ) 2 

Monoclinic white 

30(20°) 

Sol. hot ale. 


Kl 









PROPERTIES OF COMPOUNDS 523 


Formula 

Color and Form 

Solubility in 
H 2 0 (g. per 
100 g. HoO) 

General Solubility 

ZnBr 2 

Rhombic white, hy- 
groscopic 

445(20°) 

V. sol. ale., ether, 
NH 4 OH 

ZnCOs 

Trigonal white 

1X1Q- S (15°) 

Sol. acids, alk., NH 4 
salts; insol. NH S , 
acetone, pyridine 

ZntClOaV-iHsO 

Cubic yellowish- 
white, deliquescent 

262(20°) 

Sol. ale., glycerine, 
ether 

ZnCla 

Cubic white, deli- 
quescent 

431 (25°) 

Sol. ale., ether; insol 
NH S 

ZnCr 2 07 

Orange-yellow 

powder 

Insol. 

Sol. acids; insol. ale., 
ether 

Zn(CN ) 2 

Rhombic white 

Insol. 

Sol. alk., KCN, NH S ; 
insol. ale. 

Zn 2 Fe(CN) < 

White powder 

Insol. 

Sol. excess alk.; insol 
dil acids 

ZllF2 

Monoclinic or tri- 
clinic white 

SI. sol. 

Sol hot acids, MH 4 OH; 
insol ale., NH S 

Zn (IOsJs 

White crystalline 
powder 

SI. sol. 

Sol HN0 3 , alk. 

Znl 2 

Cubic white or white 431(15°) 
powder, hygroscopic 

Sol acids, ale., ether, 
NH S , (NH 4 ) 2 COs 

Zn(N0 3 ) 2 *6H 2 0 

Tetragonal white 

185(20°) 

V. sol. ale. 

Z 11 C 2 O 4 * 2H 2 0 

White powder 

7.9X10“ 4 (18°) 

Sol. acids, alk. 

Zn 3 (P04)2 

Rhombic white 

Insol. 

Sol acids, NH 4 OH; 
insol. ale. 

Zn 2 P 2 0 7 

ZnSOj - 6H 2 0 

White powder 

Monoclinic or tetra- 
gonal white 

Insol. 

103.3(20°) 

Sol acids, alk., NH 4 OH 

ZnS 

Hexagonal white 

6.9 X 10“ 4 (18°) V.sol. acids; insol. H Ac 

ZnS0 5 * 2H 2 0 

White crystalline V. si. sol. 
powder 

Sol H 2 S0 3 ; insol. ale. 

Zn(SCN >2 

White powder 

Sol. 

Sol. ale., NH,OH 

Ba 

Yellowish-silvery 

metal 

Reacts 

Sol ale., acids; insol 
C 6 H 6 

BaO 

Cubic or hexagonal 4.2 (25°) forms 
white; yellowish- Ba(OH ) 2 
white powder 

Sol dil. acids, ale.; 
insol NH 3 , acetone 
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Formula 

Color and Form 

Solubility in 
H 2 0 (g. per 
100 g. H 2 0) 

General Solubility 

Ba0 2 

Gray-white powder 

V. si. sol. 

Sol. dil. acids; insol. 
acetone 

Ba(0H)*-8H,0 

Monoclinic white 

8.7(25°) 

SI. sol. ale. 

Ba(C 2 H 3 0,) 2 -H 2 0 

Triclinic white 

80(30°) 

SI. sol. ale. 

Ba 3 (As 0 4 )2 

Black 

0.055 (cold) 

Sol. acids, NH 4 CI 

Ba(Br 0 3 )2 • H 2 0 

Monoclinic white 

0.83(25°) 

Insol. ale., acetone 

BaBr 2 • 2H 2 0 

Monoclinic white 

117(25°) 

V. sol. CH 3 OH;sol. ale. 

BaCOs 

Rhombic or hex- 
agonal white 

O 

00 

? 

0 

X 

Sol. acids, NH 4 CI; 
insol. ale. 

Ba(C10 3 ) 2 *H 2 0 

Mono clinic white 

35.7(25°) 

SI. sol. ale., acetone,, 
HC1 

Ba (C 104 )s 

Hexagonal white 

286 ( 20 °) 

V. sol. ale. 

BaCl 2 *2H,0 

Rhombic white 

42(20°) 

SI. sol. HC1, HNO s ; 
insol. ale. 

BaCr0 4 

Rhombic yellow 

3.4X10“ 4 (16°) 

Sol. mineral acids 

BaCraO: 

Monoclinic red 

SI. sol. 

Sol. hot cone. H 2 SO 4 

Ba(CN ) 2 

White crystalline 
powder 

80(14°) 


Ba 2 Fe(CN) 6 - 

6H 2 0 

Monoclinic yellow 

© 

CH 

O 


BaF 2 

Cubic white 

0.17(10°) 

Sol. acids, NH 4 C1 

Ba(I0 3 ) 2 *H,0 

Monoclinic white 

2.3 X XO ” 2 (20°) 

Sol. HC1, HN0 3 ; insol 
ale., acetone, H 2 S0 4 

Bal 2 * 2H 2 0 

Rhombic white deli- 
quescent 

222 ( 20 °) 

SI. sol. ale. ; sol. acetone 

Ba(NOa)* 

Cubic white 

9.4(20°) 

SI. sol. acids; insol. ale. 

Ba(N 0 2 ) 2 *H 2 0 

Hexagonal yel- 
lowish-white 

72(20°) 

V. sol. HC1; si sol. 
ale.; insol. acetone 

BaC 2 0 4 *H 2 0 

White 

8.5 X 10 -3 (25°) 

Sol. acids, NH 4 C1; 
insol. ale. 

Ba 3 (P0 4 )* 

Cubic white 

Insol. 

Sol. acids 

BaS0 4 

Rhombic white 

2.5 X 10 “ 4 (25°) 

SI. sol. H 2 SO 4 

BaS 

Cubic white 

Hydrolyzes 

Insol. ale. 

BaS0 3 

Cubic white 

2 . 0 X 10 ^( 20 °) 

V. sol. HC1; sol. ale. 

Ba(SCN ) 2 • 2H 2 0 

Needles, white 

43(20°) 

Sol. ale. 

Sr 

Cubic silvery pale 
yellowish-white 
metal 

Reacts 

Sol acids, ale., NH S 
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Formula 

Color and Form 

Solubility in 
H 2 0 (g. per 

100 g. H 2 0) 

General Solubility 

SrO 

Cubic grayish-white 

0 . 68 ( 20 °) 

SI. sol. ale.; insol. 

SrOa 

White powder 

Forms 

Sr(OH) s 

8 X 10 ~ 3 ( 20 °) 

ether, acetone 

V. sol ale., NH 4 CI; 

Sr (OH) 2 * 8 H 2 O 

Tetragonal white 

1.74(20°) 

insol. acetone 

Sol. acids, NH 4 GI; 

Sr(C 2 H 3 0 2 )2 ’■ 

White crystalline 

42.9(20°) 

insol. acetone 

SI. sol. ale. 

|H 2 0 

Sr(Br0 3 ) 2 -H 2 0 

powder 

Monoclinic yel- 

33 (16°) 


SrBr a ° 6 H t O 

lowish-white 
Hexagonal white, 

142(20°) 

Sol. ale.; insol. ether 

SrCOa 

hygroscopic 
Rhombic white or 

1.1 X 10-’ (18°) 

Sol. acids, NH 4 salts 

Sr(C10 3 ) 2 

white powder 
Rhombic white or 

175(18°) 

Sol. ale.; insol. ab- 

SrCl a * 6 H 2 O 

white powder 
Trigonal white 

89(20°) 

solute ale. 

SI. sol. ale. 

SrCr0 4 

Monoclinic yellow 

0.12(15°) 

Sol. HAc, HC1, HNOa, 

Sr(CN) 2 -4H 2 0 

Deliquescent 

V. sol. 

NH 4 salts 

Sr 2 Fe(CN)s •- 

crystals, white 
Monoclinic yellow 

50 (cold) 


15H 2 0 

SrF 2 

White cubic or 

0.012(27°) 

Sol. hot HC1; insol. 

Srl 2 * 6H 2 0 

powder 

Hexagonal yellow- 

238(20°) 

HF 

Sol. ale.; insol. ether 

Sr(NG 3 ) 2 -4H 2 0 

ish-white, deli- 

quescent 

Monoclinic white 

106(25°) 

Insol. HNOs 

Sr(N0 2 ) 2 *H 2 0 

Hexagonal white 

65(15°) 


SrC 2 0 4 • H 2 0 

White 

5.7 X 10 -5 (25°) 

Sol HC1, HNOs 

SrS0 4 

Rhombic white 

1.14X10”*(30°) 

So. sol. acids; insol. 

SrS0 3 

White crystals 

3.3X10 _3 (17°) 

dil. H 2 SO 4 , ale. 

V. sol. H 2 SO 3 ; sol. 

SrS 

Cubic light gray 

Sol., hydro- 

acids 

Sol. acids, ale.; insol. 

SrS.Os-SHaO 

Monoclinic needles 

lyzes 

25(13°) 

acetone 

Insol. ale. 
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Formula 


Solubility in 
Color and Form H 2 0 (g. per 

100 g. H 2 0) 

Cubic silvery white Reacts 
soft metal 

Cubic white 0. 122 (20°) 


General Solubility ■ 

Sol. acids; si. sol. ale.; 
insol. C 6 H 6 


0.122(20°) Sol. acids, ale. 
Forms 


Ca(OH) 2 

Ca ( 02 X 1302)2 
Ca 3 (As 04 ) 2 - 3 H 2 0 
Ca(Br0 3 ) 2 • H 2 0 
CaBr 2 *6H 2 0 
CaC0 3 

Ca(C10 3 ) 2 *2H 2 0 


CaCl 2 * 6H 2 0 

Ca(OCl)Cl 

CaCr(V2H 2 0 


Ca(CN) 2 

Ca 3 [Fe(CN) 6 ] 2 - 

12H 2 0 

Ca 2 Fe(CN) 6 - 
12H 2 0 
CaF 2 

Ca ( 103)2 * 6H 2 0 
CaX 2 

Ca(N0 3 ) 2 

Ca(N0 2 ) 2 *4H 2 0 

CaC 2 0 4 *H 2 0 


Sol. acids, ale., acetone 


Sol. ale., HAc 
Sol. ale. 

Dec. by acids 


Ca(OH) 2 

Rhombic trigonal 0.161 (20°) Sol. acids, NH.C1 soln • 
white insol. ale. 

White 35(20°) SI. sol. ale. 

0 White powder Insol. Sol. acids 

Monoclinic white V. sol. 

Hexagonal white 219 (20°) Sol. acids, ale., acetone 
White 1.5X10-3(25°) Sol. acids, NH.C1 

) Monoclinic yellow- 209(18°) Sol. ale., acetone 
ish-white, deli- 
quescent 

Cubic white, deli- 82(25°) Sol. ale., HAc 

quescent 

Trigonal white, deli- 162(25°) Sol. ale. 

quescent 

White powder, Dec. Dee. by acids 

strong Cl 2 odor 

Yellow monoclinic a form 18.6 Sol. acids ale 

prisms (20°) 

j# form 13.0 
(20°) 

Cubic white Sol. 

Red needles, deli- V. sol. 

quescent 

Triclinic yellow 89 (25°) 

Cubic white 1.6X10-3(18°) SI. sol. acids; sol. in 

solns. of NH 4 salts 

Rhombic 0.33(20°) Sol. HNO s 

w> 

Cubic white, hygro- 339 (20°) Sol. ale., acetone 

scopic 

White 119(20°) Sol. ale. 

White 7.1X10“* (25°) Sol. acids 
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Formula 

Color and -Form 

Solubility in 
H 2 0(g. per 
100 g. H 2 0) 

General Solubility 

Ca 3 (P0 4 ) 2 

Amorphous white 
powder 

0.002-0.003 

(cold) 

Sol. acids; insol. ale, 

Ca(P0 3 ) 2 

White 

Insol. 

Insol. acids 

CaS0 4 

Rhombic or mono- 
clinic white 

0.209(25°) 

Sol. acids, Na 2 S 2 0 3 , 
NH 4 salts, glycerine 

CaS0 4 • 2 H 2 O 

Monoclinic white 

0.265(25°) 

Sol. acids, Na 2 S 2 0 3 ,NH 4 
salts, glycerine 

CaS 

Cubic white 

2 . 1 X 10 -2 ( 20 °) 

Dec. by acids 

CaSOs • 2H 2 0 

Hexagonal white 

4.3X10~ 3 (18°) 

Sol. H 2 S0 3 

Ca(SCN ) 2 *3H 2 0 

White crystals, deli- 
quescent 

V. sol. 

V. sol. ale. 

CaSiOa-BH.O 

Triclinic white 

71(9°) 

Insol. ale. 

Mg 

Hexagonal silvery 
white metal 

Insol. 

Sol. acids, NH 4 salts 

MgO 

Cubic white 

8.6X10 -4 (29°) 

Sol. acids, NH 4 salts; 
insol. ale. 

Mg(OH ) 2 

Trigonal white 

9X10“ 4 (18°) 

Sol. acids, NH 4 salts 

MgNH 4 P 04 * 6 H 2 0 Rhombic white 

2.3 X1Q-*(Q°) 

Sol. acids; insol. ale. 

Mg(C 2 H 3 0 2 ) 2 - 

4H s O 

Monoclinic white, 
deliquescent 

61 (15°) 

V. sol. ale. 

Mgi(As0 4 ) 2 -- 

22H 2 0 

White 

Insol. 

Sol. acids, NH 4 CI 

Mg 3 (As0 3 ) 2 

White 

Sol. 

Sol. acids, NH 4 CI; 
insol. NH 4 OH 

Mg(Br0 3 ) 2 -6H 2 0 

Cubic white 

73(18°) 

Insol. ale. 

MgBr 2 -6H 2 0 

Hexagonal white 

153(20°) 

Sol. ale., acetone; si. 
sol. NH 3 

MgCOa 

Trigonal white 

9X10" 2 (19°) 

Sol. acids, aq. C0 2 ; 


insol. acetone, NH 3 

Mg(Cl0 3 ) 2 — White crystals or 206(20°) Sol. ale. 

6H 2 0 powder, deliques- 

cent 

MgCl 2 * 6H 2 0 Monoclinic white, 117(20°) Sol. ale. 

deliquescent 


MgCr0 4 • 7H 2 0 Rhombic yellow 138 (18°) 
Mg 2 Fe(CN) 6 - Pale yellow crystals 33 (cold) 
12H 2 0 
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Formula 

Color and Form 

Solubility in 
H.0 (g. per 
100 g. H 2 0) 

General Solubility 

MgF 2 

Tetragonal white 

8.7X10 -3 (18°) 

Sol. HNO s ; si sol 
acids; insol. ale. 

Mg(I0a),.45*0 

Monoclinic white 

9.9(20°) 


Mgl 2 • 8H 2 0 

White deliquescent 
powder 

212(20°) 

Sol. ale., ether 

Mg(N0 3 ) 2 -6H 2 0 

Monoclinic white, 
deliquescent 

128(20°) 

Sol. ale. 

MgC 2 04 • 2H 2 0 

White powder 

1.51X10“ 2 (18°) 

I Sol. acids 

Mg 5 (P0 4 ) 2 *4H 2 0 

Monoclinic white 

2X10-2 (cold) 

Sol. acids; insol NH 4 
salts, NH 3 

MgS0 4 • 7HoO 

Rhombic white 

71 (20°) 

Sol. ale., glycerine 

MgS 

Cubic white 

Hydrolyzes 

Sol. acids 

MgS0 5 *6H 2 0 

White crystalline 
powder 

1.25 (cold) 

Insol. ale., NH 3 

MgSoOs *6H 2 0 

White prisms 

V. sol. 

Sol. ale. 
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Acetate ion, hydrolysis 154, 176 
Acetic acid, 

ionization constant 74, 80, 484 
ionization equilibrium 73-78 
Acid radicals (see negative ions, 
anions) 

Acidity, testing of 283 
Acids, 

common ion effect 77 
ionization constants of weak 81, 
83, 484 

ionization of strong 21 
ionization of weak 72, 81 
list of 464 
polybasic 129 
Adsorption 117 
Alkali metal group, 298 
analysis of 303 
preliminary experiments 301 
Alkali metal ions, 
equilibria involving 299 
Alkaline earth group, 
analysis of 398 
carbonates 389 
chromates 391 
equations 403 
flame test 392 
oxalates 391 
phosphates 392 
precipitation of 399, 412 
preliminary experiments 394 
sulfates 390 
Alloy, solution of 422 
Aluminate ion 224, 356 
Aluminon 358, 464 
Aluminum compounds, properties 
518 

Aluminum hydroxide, amphoteric 
properties 224 
Aluminum ion, 356 
hydrolysis of 161 
properties of 356-358 
separation of 381 
test for, 384 

Aluminum-zinc group, 355 


analysis of 371 
equations 385 
precipitation of 379, 411 
preliminary experiments 374 
Amide ion 196 
Ammonates 197 
Ammonia, liquid 194 
Ammonia complexes 208 
Ammonium, 

arsenomolybdate 333 
compounds, properties 501 
molybdate solution 464 
polysulfide 206, 332, 335 
sulfide 229, 355 
Ammonium ion, 195, 298-303 
hydrolysis of 156 
test for 301 

Amphoteric elements 222 
Amphoteric hydroxides 223 
as coordinated complexes 231 
Amphoteric substances 221 
and equilibrium 224 
application to analysis 229 
Amphoteric sulfides 227 
Analysis, general 404 
anion 414 

Anions (see negative ions), 
complex 204 
elimination chart 429 
homoatomic 205 
identification of 425 
Answers to problems, 
chapters I-IX 489-596 
mathematical operations 595 
Antimonic ion, 333-335, 508 
properties of 333 
Antimonic 
oxide 334 
sulfide 335 

Antimonous ion, 333, 508 
properties of 333-335 
test for 352 
Antimonous 
oxides 334 
sulfide 335 
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Apparatus, list of 463 
Aqua regia 340, 348, 380, 409, 420 
Argenticyanide ion 204, 208 
Arithmetic (see mathematical opera- 
tions) 

Arsenate ion 
properties of 457 
test for 437 
Arsenic acid 331 
Arsenic ion, 330, 507 
properties of 330-333 
Arsenic 
oxide 331 
sulfide 332 
Arsenite ion 

properties of 457 
test for 438 
Arsenous ion, 330, 507 
properties of 330-333 
test for 351 * 

Arsenous 
oxide 331 
sulfide 331 
Atomic number 27 
Atomic structure 27-33 
Atomic weights, table, inside front 
cover 

Attractive forces between molecules 
10 

Barium ion, 

equilibria involving 388 
flame test 392 
properties of 387-392, 523 
test for 399 
Bases, 

equilibria involving weak 83 
ionization constants of 485 
list of 464 

Bicarbonate ion, hydrolysis of 162, 
168 

Bismuth compounds, 324, 510 
hydrolysis of 324 
Bismuth ion, 
iodo complex 325 
properties of 324 
test for 349 

Bismuthate test for Mn, 376, 382, 384 
Bisulfide ion, hydrolysis of 156 
Borate ion 
properties of 458 
test for 439 
Bottles, reagent 292 


Bromide ion, 
properties of 453 
test for 437 

Br0nsted definitions 37-40, 87-94, 
172-176, 211, 213, 231-233 
Brown-ring test for nitrates 440, 
459 

Brownian movement 116 
Brucine test for nitrates 460 
Buffer solutions 165, 167, 168, 375, 
396 

Cadmium compounds 329, 513 
Cadmium ion, 328 
ammonia complex 329 
cyanide complex 330 
equilibria involving 329 
properties of 328, 330 
test for 350 
Calcium ion, 
equilibria involving 388 
flame test 392 
properties of 387-392, 526 
test for 401 

Calculations, equilibrium, 
complex ions 213 
hydrolysis 176-189 
oxidation-reduction 262-267 
polybasic acids 142 
slightly soluble substances 120, 124 
weak acids 74, 75, 95-100 
Capillary syringe 277 
Carbonate fusion 421 
Carbonate ion, 
equilibrium involving 443 
hydrolysis of 158 
properties of 442 
test for 417 

Carbonic acid, ionization of 140-142 
Catalysts 

and adsorption 120 
and promoters 120 
definition 52 
Centrifuge 285 
operation of 284 
Chlorate ion, 
properties of 461 
test for 432, 441 
Chloride ion, 
properties of 452 
test for 433 

Chromate-dichromate equilibrium 
358 
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Chromate ion, 
properties of 449 
test for 436 

Chromic compounds 358, 51*9 
Chromic ion, 358 
properties of 358-360 
separation of 381 
test for 385 
Chromite ion 360 
Cobalt ammines 201 
Cobaitous compounds 364, 365, 

514 

Cobaitous ion, 
properties of 364-366 
test for 381 
Colloids, 114, 115 
classes of 117 
coagulation of 119 
Common ion effect 97 
Complex anions 204 
Complex ions, 193 
dissociation constants of 488 
equilibrium involving 207 
Compounds, table of physical proper- 
ties of 497-528 

Concentration, methods of express- 
ing 11 

Condensation, rate of 106 
Conductance, 13 
and concentration 15 
“ drag-effect’ ’ 21 
of electrolytes 14 
of weak electrolytes 25 
Coordination 
number 203 
sphere 203 
theory 200 

Copper-arsenic group 323 
analysis of 343-354 
equations 353 
precipitation of 344, 406 
preliminary experiments 338-343 
separation of 343, 406 
Copper compounds 327, 511 
Copper ion, 
properties of 321-328 
test for 349 
Crystallization, 
mechanism of 111 
rate of 107 
Cupric ion, 326 
ammonia complex 327 
equilibria involving 326 


properties of 326-328 
test for 349 
Cuprous ion, 328 
equilibria involving 328 
Cyanide ion, hydrolysis of 156, 164, 
176 

Density-molarity table 467 
Dichromate ion, 

as an oxidizing agent 244 
properties of 449 
Dielectric constant, definition 6 
Dimethylgly oxime 369, 465 
Dissociation constants, tables of 
complex ions 488 
weak acids 484 
weak bases 485 

Electrolytes, 
conductance of 14 
electronic structure of 27 
solubility of 22 
strong 23 
weak 23 

Electromotive series 247, 249, 255 
Electronic structure, 27, 198 
ammonium ion 38 
carbon tetrachloride 30 
chloride ion 30 
chlorine molecule 35 
electrolytes 27 

hydrogen chloride, in solution. 34 
hydrogen chloride, liquid 34 
hydronium ion 38 
iodine chloride 31 
methane 31 
non-electrolytes 27 
sodium ion 30 
sulfate ion 32 
water 37 
Elements, 

amphoteric 222 

atomic weights, inside front cover 
periodic table of, inside back 
cover 

Elimination chart 429 
Equations, 

alkaline earth group 403 
aluminum-zinc group 385 
balancing 238-247 
copper-arsenic group 353 
ionic 40 

oxidation-reduction 237-270 
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Equations, 
quadratic 478 
silver group 322 
Equilibrium 2, 56 
acetic acid 73-78 
ammonia 48, 56 
and amphoteric substances 224 
and change in concentration 64 
and complex ions 193, 207 
and reaction velocity 48 
and strong acids 78-80 
and weak acids and bases 72, 129 
barium sulfate 108 
calculations 95-100, 120-124, 142- 
146, 176-189, 213-218, 233-235, 
262-267 

catalysts and 69 
derivation 58-63 
effect of temperature on 67 
heterogeneous 67, 105 
homogeneous and heterogeneous 53 
oxidation-reduction 247, 249, 250- 
253 

oxidation-reduction half reaction 
254-262 

solubility product 108 
two or more substances in solution 
82 

water and its ions 150-152 
Equilibrium constant, 60 
complex ions 488 
oxidation-reduction 254-262 
solubility product 486 
weak acids 484 
weak bases 485 
Evaporation, 
procedure 282 
rate of 105 

Examples of problems 41-43, 95- 
100, 120-124, 142-146, 176-189, 
213-218, 233-235, 262-267 
Exponential numbers, use of 469 

Ferric compounds 360-363, 520 
Ferric ion, 360 
cyanide complex 362 
properties of 360-364 
test for 383 
Ferricyanide ion 
properties of 451 
test for 436 
Ferrocyanide ion 
properties of 450 


test for 436 

thiocyanate complex 363 
Ferrous compounds, 360-363, 520 
Ferrous ion, 360 
cyanide complex 362 
properties of 360-364 
Filter, preparation of 288 
Filtration, technique of 288 
Flame tests, 283, 301, 302, 392, 397 
Fluoride ion 
properties of 447 
test for 434 
Formula weights 7 
Freezing point lowering, 16, 17 
and ionization 18 
Fusion, carbonate 421 

Glassware, cleaning of 283 

Halide ions, tests for 433, 434, 436 
Hydrates 197 
Hydration numbers 193 
Hydrogen ion concentration, 86, 95 
evaluation of 475 
in water 152 
pH 86, 475 
Hydrogen sulfide, 
ionization of 130-133 
precipitation with 279 
Hydrolysis, 1 53-1 88 
Br0nsted definitions 172, 211 
degree of 158 
of metal ions 169, 211 
of salts of weak acids 159 
problems 176 

Hydronium ion 37, 88, 173, 194 
Hydroxides, amphoteric 223 

Indicators 84-86 
Iodide ion, 
properties of 454 
test for 437 
Ion hydration 20 
Ions, positive 296 
negative 425 
Ionization 

and conductance 13 
and freezing point lowering 17 
Arrhenius theory of 21 
“drag-effect” 21 

interionic attraction theory of 20, 
21 

theory of 18, 19 
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Ionization constants 81, 83 
Ionization constants, tables of 
complexions 488 
weak acids 484 
weak bases 485 

Laboratory experiments, 
alkali metal group 301 
alkaline earth group 394 
aluminum-zinc group 374 
copper-arsenic group 338 
silver group 316 

Laboratory manipulations 275-295 
Lake 119 

Law of Mass Action 57 
Lead compounds 308-311, 503 
Lead ion, 308 
equilibria involving 308 
properties of 308-311 
test for 320, 348 
Le Chatelier, Rule of 66 
and ionic equilibrium 76 
Liquids 4 
Logarithms, 
tables of 537 
use of 471 

Magnesium compounds 392-394, 527 
Magnesium ion, 392 
equilibria involving 393 
properties of 392-394 
test for 402 

Manganese compounds 369-371, 516 
Manganous ion, 369 
equilibria involving 370 
properties of 369-371 
separation of 381 
test for 382 

Mass Action, Law of 57 
collisions and 58 
derivation of 58-63 
Mathematical Operations 469-483 
Medicine droppers 277 
Mercuric compounds 311-315, 504 
Mercuric ion, 311 
equilibria involving 313 
properties of 311-316 
test for 348 

Mercurous compounds 311-315, 504 
Mercurous ion, 311 
equilibria involving 312 
properties of 311-316 
test for 321 


Metal-ammonia compounds 200-203 
Metals, solution of 422 
Molal solution 12 
Molar solution 12 
Molarity-density table 467 
Molecular weights 77 
Mordants 119 

Negative ions, 
elimination chart 429 
elimination tests 430 
identification of 425 
preliminary experiments 430 
properties and identification of 
425-462 

Neutralization, weak acids and bases 
163 

Neutron 32 

Nickel compounds 367, 516 
Nickel ion, 366 
ammonia complex 367 
cyanide complex 368 
properties of 366 
separation of 379 
test for 381 
Nitrate ion, 
properties of 459 
test for 440 
Nitrite ion, 
properties of 460 
test for 439 

Non-polar molecules 7, 10 
Notebook 293 

Organic matter, removal of 4.19 
Oxalate ion, 

equilibria involving 446 
properties of 445 
test for 434 


Oxidation and reduction 237 


balancing of equations 238, 241- 

! lip * 

247 

• r ig. 

equations 269 

sed 

equilibria 247, 249, 250-253 

! rell 

in acid solution 242 
in alkaline solution 246 

tes; 

table of half reaction constants 

:er. > 

254-262 

up 

Oxidizing agents 238, 254-262 

jnt 

Periodic table, inside of back cover 


Permanganate ion, as an oxidizing 

; t| 

agent 243, 370 
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pH 86, 475 
pK 87 

Phosphate ion, 
hydrolysis of 163 
properties of 456 
removal of 408 
test for 419, 437 

Phosphoric acid, ionization of 129 
Physical properties of compounds,, 
table of 497-528 
Platinum ammines 203 
Plumbite ion 310 
Polarity of molecules 5, 10, 34 
and solubility 9 
Polysulfide ion 206 
Positive ions, 
analysis of 404 
introduction to 296 
Potassium compounds 298-302, 497 
Potassium ion, 
properties of 298-302 
test for 302 
Precipitate, 

removal from filter paper 290 
transferring 287, 290 
washing of 287, 290 
Precipitation, 

conditions necessary for 1 10 
limit of visibility 113 
technique of 277 
with hydrogen sulfide 279 
Precision and calculations 476 
Preliminary experiments, 
alkali metal group 301 
alkaline earth group 394 
aluminum-zinc group 374 
copper-arsenic group 338 
silver group 316 
Problems, 

amphoteric substances 235 
answers to 489 
complex ions 219 
hydrolysis 189 

involving acids and bases 100 
involving slightly soluble sub- 
stances 124 

mathematical operations 480 
oxidation and reduction 269 
poly basic acids 146 
solids, liquids and solutions 43-47 
velocity and equilibrium 70 
Properties of substances, table of 
497-528 


Proportionality constants 479 
Prussian blue 362 

Quadratic equations, solution of 
478 

Quartz, crystal pattern 3 
Questions and problems, 
amphoteric substances 235 
complex ions 21.9 
hydrolysis 189 

involving acids and bases 100 
involving slightly soluble sub- 
stances 124 

mathematical operations 480 
oxidation and reduction 269 
polybasic acids and sulfide pre- 
cipitation 146 

solids, liquids and solutions 43 
velocity and equilibrium 70 

Rate of 

condensation 106 
evaporation 105 
reactions 48-54, 57-63 
Reactions 
displacement 248 
heterogeneous 53 
homogeneous 53 
oxidation-reduction 237, 248 
rate of 48-52, 57-63 
reversible and irreversible 55, 268 
Reaction velocity 
and catalysts 52 
and concentration 51 
and equilibrium 48 
and temperature 49 
ionic reaction 54 
Reagents 291, 464 
solid 467 

Reagent bottles 292 
Reducing agents 238, 254-262 
Reversible reactions 55, 268 

S. and O. reagent 394, 466 
Salts, 

colored 414 
weak 21, 311, 329 
Sample, preparation of 413 
Significant figures 476 
Silver compounds 304-308, 506 
Silver group 304 
analysis of 320 
equations 322 
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precipitation of 320, 405 
preliminary experiments 316-319 
Silver halides, test for 419 
Silver ion, 304 
ammonia complex 306 • 
equilibria involving 305 
properties of 304-308 
test for 321 
Slide rule 478 

Sodium compounds 298-302, 500 
Sodium ion, 298-302 
test for 301 
Solids 2 

reagents 467 

treatment of for analysis 413 
X-ray pattern 3 
Solubility, 9 

and weak acids 114 
of electrolytes 22 
product constant 108 
product constant, table of 486 
of sample 414 
small crystals 112 
table of 497-528 
Solutions, 

buffer 165-168 
heating of 281 
list of salt 464 
molal 12 
molar 12 
rate of 107 
supersaturated 111 
test 464 

unknown 295, 404 
Solvent, 
acids as 420 
aqua regia as 420 
Stannic compounds 335-338, 509 
Stannic ion, 335 
properties of 335-338 
test for 352 

Stannous compounds 335-338, 509 
Stannous ion 335 
Stirring rods 276 
Strong electrolytes 23 
Strontium compounds 387-392, 525 
Strontium ion, 

equilibria involving 388 
flame test 392 
properties of 387-392 
test for 400 
Sulfate ion, 

equilibria involving 448 


properties of 447 
test for 435 
Sulfide ion, 443 
concentration of 134 
equilibria involving 443 
hydrolysis of 146, 178 
properties of 443 
reactions of 305 
test for 418, 431 
Sulfides, 
amphoteric 228 
dissolved by bisulfide ion 228 
dissolved by polysulfide ion 206 
dissolved by sulfur 206 
precipitation of 134-139 
solubility of 184, 486 
solubility product constants of 486 
Sulfite ion, 
properties of 448 
test for 435 

Sulfuric acid, ionization of 130 
Supersaturation 1 1 1 

Table of density-molarity 467 
Technique 275-295 
Test solutions 464 
Thioantimonate ion 335 
Thioarsenate ion 332 
Thioarsenite ion 332 
Thiocyanate ion 
properties of 452 
test for 436 
Thiostannate 337 
Thiosulfate ion 
properties of 444 
test for 430 
Tri-iodide ion 205 
Turnbull's blue 362 

Unknown 295 

Valence 

and complex molecules 198 
auxiliary 198 
number 239 

Visibility of precipitates 1 13 

Wash-Bottle, construction 275 
Water, 

ionization of 150-152 
Weak acids, 

ionization of 72, 81, 129-134, 140 
table of ionization constants 484 
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Weak bases, table of ionization con- 
stants 485 

Weak salts 21, 311, 329 
Werner theory 200 

X-ray pattern 3 


Zinc compounds 372-374, 522 
Zinc ion, 372 

ammonia complex 213, 373 
equilibria involving 372 
properties of 371 
test for 380, 383 
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JZ 

0 

1 

2 

3 

4 

5 

S 

1 

8 

9 

1 

2 

3 

4 

5 

6 

7 

8 

9 

1© 

0000 « 

0043 > 

0086 ( 

01281 

0170! 

0212! 

0253i 

0294! 

0334 

0374 

4 

8 

12 

17 

21 

25 

29 

33 

37 

11 

0414 < 

04531 

0492 i 

0531 > 

0569! 

0607 < 

0645i 

0682! 

0719 

0755 

4 

8 

11 

15 

19 

23 

26 

30 

34 

n 

07921 

0828 < 

0864 ( 

0899i 

09341 

0969 

1004 

1038 

1072 

1106 

3 

7 

10 

14 

17 

21 

24 

28 

31 

13 

1139 

1173 

1206 

1239 

1271 

1303 

1335 

1367 

1399 

1430 

3 

6 

10 

13 

16 

19 

23 

26 

29 

14 

1461 

1492 

1523 

1553 

1584 

1614 

1644 

1673 

1703 

1732 

3 

6 

9 

12 

15 

18 

21 

24 

27 

15 

1761 

1790 

1818 

1847 

1875 

1903 

1931 

1959 

1987 

2014 

3 

6 

8 

11 

14 

17 

20 22 

25 

16 

p041 : 

2068 

2095: 

2122 

2148 

2175 

2201 

2227 

2253 

2279 

3 

5 

8 

11 

13 

16 

18 21 

24 

17 

2304 

2330 

2355: 

2380 

2405 

2430 

2455 

2480 

2504 

2529 

2 

5 

7 

10 

12 

15 

17 

20 

22 

18 

255.3 

2577 

2601 : 

2625 

2648 

2672 

2695 

2718 

2742 

2765 

2 

5 

7 

9 

12 

14 

16 

19 

21 

19 

2788 

2810 

2833: 

2856 

2878 

2900 

2923 

2945 

2967 

2989 

2 

4 

7 

9 

11 

13 

16 

18 

20 

20 

3010 

3032 

3054 

3075 

3096 

3118 

3139 

3160 

3181 

3201 

2 

4 

6 

8 

10 

13 

15 

17 

19 

21 

3222 

3243 

3263 

3284 

3304 

3324 

3345 

3365 

3385 

3404 

2 

4 

6 

8 

11 

12 

14 

16 

18 

22 

3424 

3444 

3464 

3483 

3502 

3522 

3541 

3560 

3579 

3598 

2 

4 

6 

8 

10 

12 

14 

15 

17 

23 

3617 

3636 

3655 

3674 

3692 

3711 

3729 

3747 

3766 

3784 

2 

4 

6 

7 

9 

11 

13 

15 

17 

24 

3802 

3820 

3838 

3856 

3874 

3892 

3909 

3927 

3945 

3962 

2 

4 

5 

7 

9 

11 

12 

14 

16 

25 

3979 

3997 

4014 

4031 

4048 

4065 

4082 

4099 

4116 

4133 

2 

3 

5 

7 

9 

10 

12 

14 

15 

26 

4150 

4166 

4183 

4200 

4216 

4232 

4249 

4265 

4281 

4298 

2 

3 

5 

7 

8 

10 

11 

13 

15 

21 

4314 

4330 

4346 

4362 

4378 

4393 

4409 

4425 

4440 

4456 

2 

3 

5 

6 

8 

9 

11 

13 

14 

28 

(4472 

4487 

4502 

4518 

4533 

4548 

4564 

4579 

4594 

4609 

2 

3 

5 

6 

8 

9 

11 

12 

14 

29 

4624 

4639 

4654 

4669 

4683 

4698 

4713 

4728 

4742 

4757 

1 

3 

4 

6 

7 

9 

10 

12 

13 

30 

4771 

4786 

4800 

4814 

4829 

4843 

4857 

4871 

4886 

4900 

1 

3 

4 

6 

7 

9 

10 

11 

13 

31 

4914 

4928 

4942 

4955 

4969 

4983 

4997 

5011 

5024 

5038 

1 

3 

4 

6 

7 

8 

10 

11 

12 

32 

5051 

5065 

5079 

5092 

5105 

5119 

5132 

5145 

5159 

5172 

1 

3 

4 

5 

7 

8 

9 

11 

12 

33 

5185 

5198 

5211 

5224 

5237 

5250 

5263 

5276 

5289 

5302 

1 

3 

4 

5 

6 

8 

9 

10 

12 

34 

5315 

5328 

5340 

5353 

5366 

5378 

5391 

5403 

5416 

5428 

1 

3 

4 

5 

6 

8 

9 

10 

11 

35 

5441 1 

5453 

5465 

5478^ 

5490 

5502 

5514 

5527 

5539 

5551 

1 

2 

4 

5 

6 

7 

9 

10 

11 

36 

5563 

5575 

5587 

5599 

5611 

5623 

5635 

5647 

5658 

5670 

1 

2 

4 

5 

6 

7 

8 

10 

11 

37 

j5682 

5694 

5705 

5717 

5729 

5740 

5752 

5763 

5775 

5786 

1 

2 

3 

5 

6 

7 

8 

9 

10 

38 

5798 

5809 

5821 

5832 

5843 

5855 

5866 

5877 

5888 

5899 

1 

2 

3 

5 

6 

7 

8 

9 

10 

39 

5911 

5922 

5933 

5944 

5955 

5966 

5977 

5988 

5999 

6010 

1 

2 

3 

4 

5 

7 

8 

9 

10 

40 

6021 

6031 

6042 

6053 

6064 

6075 

6085 

6096 

6107 

6117 

1 

2 

3 

4 

5 

6 

8 

9 

10 

41 

6128 

6138 

6149 

6160 

6170 

6180 

6191 

6201 

6212 

6222 

1 

2 

3 

4 

5 

6 

7 

8 

9 

42 

6232 

6243 

6253 

6263 

6274 

6284 

6294 

6304 

6314 

6325 

1 

2 

3 

4 

5 

6 

7 

8 

9 

43 

6335 

6345 

6355 

6365 

6375 

6386 

6395 

6405 

6415 

6425! 

1 

2 

3 

4 

5 

6 

7 

8 

9 

44 

6435 

6444 

6454 

6464 

6474 

6484 

6493 

6503 

6513 

6522 

1 

2 

3 

4 

5 

6 

7 

8 

9 

45 

p532 

6542 

6551 

6561 

6571 

6580 

6590 

6599 

6609 

6618 

1 

2 

3 

4 

5 

6 

7 

8 

9 

46 

6628 

6637 

6646 

6656 

6665 

6675 

6684 

6693 

6702 

6712 

1 

2 

3 

4 

5 

6 

7 

7 

8 

47 

6721 

6730 

6739 

6749 

6758 

6767 

6776 

6785 

6794 

6803 

1 

2 

3 

4 

5 

5 

6 

7 

8 

48 

6812 

! 6821 

6830 

6839 

6848 

6857 

6866 

6875 

6884 

6893 

1 

2 

3 

4 

4 

5 

6 

7 

8 

49 

6902 

16911 

6920 

6928 

• 6937 

6946 

6955 

6964 

6972 

6981 

1 

2 

3 

4 

4 

5 

6 

7 

8 

50 

699C 

>6998 

i 7007 

7016 

1 7024 

7033 

7042 

7050 

7059 

7067 

1 

2 

3 

3 

4 

5 

6 

7 

8 

51 

7076 

> 7084 

: 7093 

: 7101 

7110 

7118 

i 7126 

7135 

7143 

7152 

1 

2 

3 

3 

4 

5 

6 

7 

8 

52 

716C 

>7168 

> 7177 

7185 

> 7193 

7202 

7210 

> 7218 

7226 

7235 

1 

2 

2 

3 

4 

5 

6 

7 

7 

53 

7243 

► 7251 

7259 

17267 

'7275 

7284 

7292 

17300 

7308 

7316 

1 

2 

2 

3 

4 

5 

6 

6 

7 

54 

7324 

: 7332 

17340 

i 7348 

17356 

7364 

7372 

17380 

7388 

7396 

1 

2 

2 

3 

4 

5 

6 

6 

7 


0 

. j 

1 

2 

3 

4 

5 

6 

7 

8 

9 

K 

2 

3 

4 

5 

6 

7 

8 

9 




538 FOUR-PLACE LOGARITHMS OF NUMBERS 

LOGARITHMS 


| 0 1 2 3 4 5 6 7 S 9 123456789 



55 

7404 

7412 

7419 

7427 

7435 

7443 

7451 

7459 

7466 

7474 

1 

2 

2 

3 

4 

5 

5 

6 

7 


56 

7482 

7490 

7497 

7505 

7513 

7520 

7528 

7536 

7543 

7551 

1 

2 

2 

3 

4 

5 

5 

6 

7 


57 

7559 

7566 

7574 

7582 

7589 

7597 

7604 

7612 

7619 

7627 

1 

2 

2 

3 

4 

5 

5 

6 

7 


58 

7634 

7642 

7649 

7657 

7664 

7672 

7679 

7686 

7694 

7701 

1 

1 

2 

3 

4 

4 

5 

6 

7 


59 

7709 

7716 

7723 

7731 

7738 

7745 

7752 

7760 

7767 

7774 

1 

1 

2 

3 

4 

4 

5 

6 

7 


60 

7782 

7789 

7796 

7803 

7810 

7818 

7825 

7832 

7839 

7846 

1 

1 

2 

3 

4 

4 

5 

6 

6 


61 

7853 

7860 

7868 

7875 

7882 

7889 

7896 

7903 

7910 

7917 

1 

1 

2 

3 

4 

4 

5 

6 

6 


62 

7924 

7931 

7938 

7945 

7952 

7959 

7966 

7973 

7980 

7987 

1 

1 

2 

3 

3 

4 

5 

6 

6 


63 

7993 

8000 

8007 

8014 

8021 

8028 

8035 

8041 

8048 

8055 

1 

1 

2 

3 

3 

4 

5 

5 

6 


64 

8062 

8069 

8075 

8082 

8089 

8096 

8102 

8109 

8116 

8122 

1 

1 

2 

3 

3 

4 

5 

5 

6 


65 

8129 

8136 

8142 

8149 

8156 

8162 

8169 

8176 

8182 

8189 

1 

1 

2 

3 

3 

4 

5 

5 

6 


66 

8195 

8202 

8209 

8215 

8222 

8228 

8235 

8241 

8248 

8254 

1 

1 

2 

3 

3 

4 

5 

5 

6 


67 

8261 

8267 

8274 

8280 

8287 

8293 

8299 

8306 

8312 

8319 

1 

1 

2 

3 

3 

4 

0 

5 

6 


68 

8325 

8331 

8338 

8344 

8351 

8357 

8363 

8370 

8376 

8382 

1 

1 

2 

3 

3 

4 

4 

5 

6 


69 

8388 

8395 

8401 

8407 

8414 

8420 

8426 

8432 

8439 

8445 

1 

1 

2 

2 

3 

4 

4 

5 

6 


70 

8451 

8457 

8463 

8470 

8476 

8482 

8488 

8494 

8500 

8506 

1 

1 

2 

2 

3 

4 

4 

5 

6 


71 

8513 

8519 

8525 

8531 

8537 

8543 

8549 

8555 

8561 

8567 

1 

1 

2 

2 

3 

4 

4 

5 

5 


72 

18573 

8579 

8585 

8591 

8597 

8603 

8609 

8615 

8621 

8627 

1 

1 

2 

2 

3 

4 

4 

5 

5 


73 

8633 

8639 

8645 

8651 

8657 

8663 

8669 

8675 

8681 

8686 

1 

1 

2 

2 

3 

4 

4 

5 

5 


74 

8692 

8698 

8704 

8710 

8716 

S722 

8727 

8733 

8739 

8745 

1 

1 

2 

2 

3 

4 

4 

5 

5 

1" 

IP ■ ■' 

75 

8751 

8756 

8762 

8768 

8774 

8779 

8785 

8791 

8797 

8802 

1 

1 

2 

2 

3 

3 

4 

5 

5 


76 

8808 

8814 

8820 

8825 

8831 

8837 

8842 

8848 

8854 

8859 

1 

1 

2 

2 

3 

3 

4 

5 

5 


77 

8865 

8871 

8876 

8882 

8887 

8893 

8899 

8904 

8910 

8915 

1 

1 

2 

2 

3 

3 

4 

4 

5 

ill ' 

78 

8921 

8927 

8932 

8938 

8943 

8949 

8954 

8960 

8965 

8971 

1 

1 

2 

2 

3 

3 

4 

4 

5 


79 

8976 

8982 

8987 

8993 

8998 

9004 

9009 

9015 

9020 

9025 

1 

1 

2 

2 

2 

3 

4 

4 

5 

ijLgg 

80 

9031 

9036 

9042 

9047 

9053 

9058 

9063 

9069 

9074 

9079 

1 

1 

2 

2 

3 

3 

4 

4 

5 


81 

9085 

9090 

9096 

9101 

9106 

9112 

91171 

9122 

9128 

9133 

1 

1 

2 

2 

3 

3 

4 

4 

5 

82 

9138 

9143 

9149 

9154 

9159 

9165 

9170 

9175 

9180 

9186 

1 

1 

2 

2 

3 

3 

4 

4 

5 


83 

9191 

9196 

9201 

9206 

9212 

9217 

9222 

9227 

9232 

9238 

1 

1 

2 

2 

3 

3 

4 

4 

5 

lb, 

84 

9243 

9248 

9253 

9258 

9263 

9269 

9274 



9279 

9284 

j 

9289 

1 

1 

2 

2 

3 

3 

4 

4 

5 

mm 

85 

9294 

9299 

9304 

9309 

9315 

9320 

9325 

9330 

9335 

9340 

1 

1 

2 

2 

3 

3 

4 

4 

5 


86 

9345 

9350 

9355 

9360 

9365 

9370 

9375 

9380 

9385 

9390 

1 

1 

2 

2 

3 

3 

4 

4 

5 


87 

9395 

9400 

9405 

9410 

9415 

9420 

9425 

9430 

9435 

9440 

0 

1 

1 

2 

2 

3 

3 

4 

4 


88 

9445 

9450 

9455 

9460 

9465 

9469 

9474 

9479 

9484 

9489 

0 

1 

1 

2 

2 

3 

3 

4 

4 


89 

9494 

9499 

9504 

9509 

9513 

9518 

9523 

9528 

9533 

9538 

0 

1 

1 

2 

2 

3 

3 

4 

4 


90 

9542 

19547 

9552 

9557 

9562 

9566 

9571 

9576 

9581 

9586 

0 

1 

1 

2 

2 

3 

3 

4 

4 

■mi 

91 

9590 

19595 

9600 

9605 

9609 

9614 

9619 

9624 

9628 

9633 

0 

1 

1 

2 

2 

3 

3 

4 

4 

. ; ■*&& 

92 

963S 

> 9643 

9647 

9652 

9657 

9661 

9666 

9671 

9675 

9680 

0 

1 

1 

2 

2 

3 

3 

4 

4 

|i all 

93 

9685 

1 9689 

1 9694 

9699 

9703 

9708 

9713 

9717 

9722 

9727 

0 

1 

1 

2 

2 

3 

3 

4 

4- 

1 11 

94 

9731 

9736 

*9741 

9745 

9750 

9754 

9759 

9763 

9768 

9773 

0 

1 

1 

2 

2 

3 

3 

4 

4 

■ if 

95 

9777 

'9782 

19786 

*9791 

9795 

* 9800 

9805 

9809 

9814 

9818 

0 

1 

1 

2 

2 

3 

3 

4 

4 

1 S' ' 

96 

9823 

! 9827 

'9832 

I9S36 

*9841 

9845 

' 9850 

9854 

; 9859 

9863 

0 

1 

1 

2 

2 

3 

3 

4 

4 

1 ' 

97 

9868 

i 9872 

! 9877 

’9881 

9886 

*9890 

>9894 

9899 

>9903 

9908 

0 

1 

1 

2 

2 

3 

3 

4 

4 


@8 

9912 

! 9917 

'9921 

,9926 

* 9930 

i 9934 

: 9939 

*9943 

19948 

i 9952 

0 

1 

1 

2 

2 

3 

3 

4 

4 

■ 

99 

9956 

*9961 

9965 

.9969 

19974 

,9978 

» 9983 

. 9987 

'9991 

9996 

0 

1 

1 

2 

2 

3 

3 

3 

4 

l 


0 

1 

2 

3 

4 

5 

6 

7 

S 

9 

1 

2 

3 

4 

5 

6 

7 

8 

9 



